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ABSTRACT
The kinetic and thermodynamic acidities in methanol for bromoform
and pheny1acetylene have been determined at various temperatures.

The

thermodynamic acidities of phenylacetylene were obtained through a
quench method which involved tritium tagging of the phenylacetylene
anions present at equilibrium.

Hith the use of this method,. a pKa of

18.34 for phenyl acetylene at 0°C was obtained.

Through the use of

these acidities, it was shown that the kinetics for these proton
exchange processes are not diffusion controlled.
Isotope effects (kr/k 0 ) were obtained for chloroform, bromoform
and phenylacetylene at three temperatures (0°C, -l0°C and -20°C).
These isotope effects at 0°C are 1.25, 1.07 and 0.92 respectively.

The

inverse isotope effects for phenylacetylene were explained as being due
to the formation of stronger bonds in the transition state than are
being broken in the ground state of the reactants.

These isotope

effects were used to calculate a Br¢nsted a of 0.55 for both phenylacetylene and the haloforms.

Through the use of the Br¢nsted

relationship and these a•s, a pKa of 19.73 was determined for bromoform
at 0°C.
As a natural consequence of kinetic studies at various temperatures,
activation energies of 18.91 Kcal/mol for phenylacetylene and 19.23
Kcal/mol for bromoform were obtained.

These activation energies

reinforced the conclusion that the kinetics in this study are not
diffusion controlled.
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I.

I NTROOUCTI ON

Philosophers and scientists, for several centuries, have
recognized the two fundamental classes of compounds as being acids
and bases.

Much of the early work in this area was spent trying to

determine the single entity which was responsible for the sour taste
of acids.

The stage of the "art" in these early days is well

illustrated by this quotation (1) in 1814 by Gay-Lussac (2):
Acidity and alkalinity are properties which are
related interchangeably to one another, one of which
can be defined only through the other. Thus oil in
soaps behaves like an acid, because it satisfies the
alkalis. In several ethereal substances alcohol
behaves as an alkali, because it satisfies acids. 11
11

G. N. Lewis (3) in 1923 unified the acid-base field by defining
acids and bases as:
A basic substance is one which has a lone pair of
electrons which may be used to complete the stable
group of another atom. An acid substance is one which
can employ a lone pair from another molecule to complete
its stable grouping. (4)
11

11

An extension of Lewis's acid-base definition was made in 1939 by
Usanovich (5).

His positive-negative definition of acids and bases

is as follows (6):
an acid is 11 any species capable of g1v1ng up cations,
combining with anions or electrons, or neutralizing
a base to give a salt. A base is defined as any species
capable of giving up anions or electrons, combining with
cations, or neutralizing an acid to give a salt.
11

As can be seen from this definition, Usanovich includes all
previous acid-base definitions as well as extending his definition to
include oxidation-reduction as acid-base reactions.

2

Using these definitions, a large majority of the chemical
reactions taking place in the world today can be related to acid-base
chemistry.

These reactions run the gamut from gigantic bulk

industrial reactions to microscopic ones which take place in the
smallest organisms.

It is understandable that authors in the chemical

field have published hundreds of papers relating just to organic
acid-base theory.
As an example of some very exacting and intricate acid-base
chemistry, our bodies are a wealth of chemical reactions which can be
classified as the acid-base type.
depends on these reactions.

Needless to say, our existence

If adenine were a much weaker base or

if thymine had stronger acid properties, the double helix of DNA
would not exist.

In order to keep the acidity of our blood from

wildly fluctuating, the blood is buffered at a pH of 7.4 mainly
because of the acid-base properties of

co 2 and

H2Po4.

In the future, chemistry will be relied on more and more and
will be required to meet the ever increasing demands of a scientifically oriented society.

One of the areas of chemistry which will

be looked upon as a leader, will be the field of polymer chemistry.
Polymer technology is becoming an ever increasing priority in
our day-to-day living.

The polymer chemistry field is no exception

when it comes to acid-base reactions.

Cationic and anionic

polymerizations are very important in the polymerization of such
monomers as:
esters.

vinyl ethers, butadiene, ethylene, styrene and acrylic

Initiators for these polymerizations are generally strong

acids (i.e., BF3 ) or strong bases (i.e., Buli).

If these polymers

3

and monomers are not of the correct acidity or basicity, reactions
could occur which might cause degradation of the polymer.
In contrast to the above, acid-base chemistry is also developing
into a gigantic headache in our society and environment.

Our

environment is suffering due to the acid properties of phosphorus,
sulfur and nitrogen oxides in the effluents discharged into it daily.
These oxides cause pH changes in streams, rivers and lakes which
result in the killing of fish and wildlife. These oxides in the air
cause damage to the human system and other materials which are acid
sensitive.
Since much of our contemporary society depends upon fundamental
acid-base chemistry; the more that is known about this area of
endeavor, the better able we will be to solve our environmental
problems as well as meet the demands for new technology.

The author

believes that elementary acid-base chemistry can be reduced to nothing
more than relative acidities and basicities.

An example of this is

PEPSI which, because of its acid content, will dissolve rock (CaC0 3);
but, thankfully, does not dissolve stomach walls.
In addition to this example of relative acidities from a reallife situation, a laboratory example of this phenomenon is shown in
Table I (7).
As can be seen from Table I, the relative acidities and the pKa
values definitely depend on which solvent is used for the acidity
determination.

Many questions about reactions, solvents and purifi-

cation procedures can be answered, if the relative acidities of
various compounds are known for a specified solvent. This information

4

Table I:

Relative acidities of some selected acids in various solvents.
pf1
'a
(H 20)

Acid
HCl

-6.3

(l)a

a

pi(
a

(r1e0H)

( Dt1F)

1. 23 (1)

3.4 (2)

(2)

1.2 ( 1)

-1.9 (1)
10.0 ( 4)

pK

Picric

0.71 {2)

3.8

Benzoic

4.20 ( 3)

9.1 ( 4)

10.2 (5)

Hydrazoi c

4.74 (4)

8.9 (3)

8.5 (4)

Acetic

4.76 (5)

9.6 (5)

11.1 (8)

Brom Cresol Green

4.9

(6)

9.8 (6)

Thiophenol

6.5

(7)

10.9 (7)

10.7 (6)

4-!H tro Pheno 1

7.15 (8)

11.2 (8)

10.9 (7)

8.3

pKa
(Dt~SO)

11.4 (5)

(3)

7.4 (2)

9.9 (3)

aNumbers in parenthesis are the relative rank in acidity of that
acid in that solvent.

is most often not available due to the fact that acidity measurement
methods for v1eakly acidic hydrocarbon compounds are not avail ab 1e.
Also much work just has not been done on compounds for which methods
are available.

In addition to these problemss methods which are

avail ab 1e for some hydrocarbon measurements have been carried out under
a diversity of conditions (i.e., temperature, solvent and ionic
strength), so that comparison of results is difficult.
Many books and papers (8,9,10) have tables, similar to Table I,
listing the relative and determined acidities of weakly acidic organic
compounds.

Some of these tables state that their pKa values are

relative to water.

The processes used in the changing of a calculated

5

pKa value obtained in one solvent to a water-related pKa value are often
random and, at times, devious.
A few authors (8,11) have attempted to find relationships between
pKa•s and solvents.

Ritchie and Uschold (11) have determined that tile

pKa values of some selected hydrocarbons are 6.5 pKa units larger in
r~eOH

than in Dt'lSO.

If relationships of this type exist for other

solvents and compounds, the results of any acid-base type reaction could
possibly be predicted bet\'leen any two compounds in any solvent.

f1uch

1'/0rk needs to be done in various solvents (i.e., H20, Dt1SO, r·1eOH,
dioxane, etc.) in order to obtain these results.
Many of the organic compounds one waul d 1ike to study are very
ltJeakly acidic and do not have very high concentrations of the conjugate
base in the selected solvent.

Because of their very low concentrations

(10- 5 to 10-lS t1), measurement of the concentration of these anions

and/or the concentration of the proton is indeed a problem.

If these

anions are not colored, do not absorb in the UV and do not deprotonate
an indicator, then there are feVJ avenues left for obtaining these
concentrations.

One method which circumvents this problem is the

determination of the kinetic acidities of these weak acids by proton
exchange.

These kinetic acidities can then be related to a thermo-

dynamic acidity of a standard compound, thus giving a pKa for the weak
acid.

This determination is done through the use of the Br¢nsted

relationship (12).

In order to use this approach, both the kinetic

acidity and the thermodynamic acidity of the standard compound must be
known.

Since the standard compound should be of a type similar to the

compound whose pKa is being calculated (12), obtaining the standard

1

S
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acidity is, in itself, quite a problem.

Often the standard's acidity

is determined in a different solvent (9,13), then related bad to the
solvent of interest.
As mentioned above, these kinetic acidities are often determined
by measuring the rate of proton exchange using different isotopes of
Several methods are available for the obtaining of kinetic

hydrogen.

information on hydrogen isotope exchange processes.
methods are:

Among these

IR (14), nrnr (15), UV (16), stopped flow (17) and

scintillation counting techniques {18).

Of these techniques,

scintillation counting is probably the most accurate and most
sensitive.

Because of the sensitivity of scintillation counting,

data were obtained for this thesis which possibly would not have been
available by other means.

Scintillation counting can easily detect

.
d tr)jdrocar bon concentrat1. ons of 10 -11 t1.
trit1ate

t1any variables (solvent, temperature, ionic strength,
are involved in the calculation of acidities of compounds.

base~

etc.)

i1arch (9)

has a table of pKa's for many types of acids, ranging from the strongly
acidic Rrm 2H+ to the \"eakly acidic cyclohexane.

The pKa •s of these

acids range from -12 for RN0 2H+ to 45 for cyclohexane.
their absence from this table are the haloforms.

r~otable by

Although the

acidities in

~1arch•s

of the pKa

are the same as are listed in the original work, which

1

S

table are supposed to be relative to \vater, many

quite often were not carried out in water.
Because of the diversity of conditions and methods used in
calculating and obtaining acidities, it is the purpose and intent of
the present investigation to study and obtain the acidities (kinetic

7

and thermodynamic) for phenylacetylene and some selected haloforms.
It is also the purpose here to use a relatively simple but accurate

method for obtaining the acidities under similar conditions for each
of the hydrocarbons studied.
Because of the acidity of the hydrocarbons, the measurements \'Jere
made in the temperature range of -20°C to +25°C.

The sol vent. metl1anol,

was selected because of the following reasons:
1.

Similarity to water.

2.

Useful temperature range of +40°C to -80°C.

3.

Ease of base (ot1e-) formation and measurement of its concentration.

4.

Common organic solvent.

Using the phenomenon of proton exchange in methanol, the kinetic
and thermodynamic acidities for phenylacetylene and the haloforms were
obtained.

In addition, isotope effects. activation parameters,

equilibrium parameters and Br¢nsted relationship data were also
obtained.
The author feels that this work represents a

ne~/

beginning in the

field of weakly-acidic carbon acids and that the methods, theory and
techniques described in this thesis will be the basis for experimentation with other weakly acidic compounds.
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I I.

HISTORICAL

Organic acid-base chemistry, as a science, is a fairly recent
field of study.

Some early VJork in the field \"Jas started in the

1920's and 1930's, but not much work was done on the subject until
acid-base chemistry enjoyed its renaissance in the late 1950's and
early 1960's.
This section of the thesis will include six somewhat overlapping
parts which cover the development of:
A.

Acid-base chemistry of weakly-acidic hydrocarbons.

B.

Haloform kinetic and thermodynamic acidity measurements.

C.

Phenylacetylene kinetic and thermodynamic acidity
measurements.

D.

Selected acidity results in methanol.

E.

Equilibrium quench methods.

F.

Scintillation counting.

Although there is a wealth of information available for some of
these parts, the author will only mention the work which has a
relationship to the development and understanding of this thesis.

A.

ACID-BASE CHEtliSTRY OF HEAKLY-ACIDIC HYDROCARBOUS
In conjunction with organic acid-base chemistry, there are

several reviews which have been published recently.

In 1973 J. R.

Jones (10) published an excellent review on the rates of ionization
of carbon acids.

He

revie~'/ed

the development of various methods of

measuring the rates of ionization (e.g., electrochemical, stopped flow

9

and isotopic exchange).

He also included a table of 25 hydrocarbons

with their kinetic rate constants and pK values.
a
In February of 1974, Cookson (19) published a review article on
the determination of acidity constants.

He reviewed such topics as

modern methods of obtaining acidity constants, treatment and interpretation of acidity constants, and uses of acidity constants.

His

review was primarily concerned with the background of acidity constants.
He discussed approximately 15 different methods which range from
kinetic methods to gas phase studies by the use of ion cyclotron
resonance spectroscopy.
Kresge (20) has reviewed the Br¢nsted relationship in great
detail.

He covered the recent developments in this theory and

discussed the anomalies concerning this relationship.
One of the earliest papers on the relative acidities of weaklyacidic hydrocarbons, was the work published by Conant and Wheland (21)
in 1932. They established a relative acidity scale and approximated
the pKa's for a number of weak acids.

They were able to derive this

acidity scale by calorimetrically watching metal ion displacement from
one hydrocarbon by another hydrocarbon in an ether solvent.
In 1936, McEwen (22) added to Conant ahd Wheiand s work by using
1

colormetric, polarimetric as well as spectroscopic methods to calculate
actual anion concentrations as well as pKa values.

Through the

calculation of these pKa values in ether and benzene he was able to
more than double the size of Conant and Wheland's original acidity
scale.

10

Conant and Wheland•s, as well as t1cEwen•s values are still well
Their \'lork and pK values have stood the 11 test-of-time 11 ,

respected.

a
for contemporary authors (9,23,24) still refer to their work and use

their values.
J. it Br0nsted and K. J. Pedersen (12), on the basis of their

experimental work on the decomposition of nitramide, proposed in 1924
the now \'/ell-known Br¢nsted relationship.

This free energy relation-

ship relates the effectiveness of a catalyst to its acid-base strength.
It establishes this relationship through the following equations:
and
where kA and k8 are catalytic constants and KA and Kim+ are acid
ionization constants; and a, 8 and G are parameters that depend upon
the reaction series and conditions.

The Br0nsted relationship is one

of the most useful relationships in contemporary acid-base chemistry.
One other relationship which deserves special mention is the
McKay equation.

tkKay (25) in 1938 published a note in Nature

\~hich

dealt with the kinetics of isotopic exchange reactions (i.e., rates of
incorporation of tritium into hydrocarbons).

t1cl<ay showed that:

regardless of the actual kinetics of the exchange
reaction, the rate of appearance of the radioactivity
in the compound which was originally inactive will
be first order with respect to the radioactivity ... (26)
11

This relationship holds for any isotope which is being used as a tracer
for an exchange process, provided there is no loss of the isotope by
decay.

11

Another

work~

which is referred to quite often in present-day

literature, is that by Pearson and Dillon (27).

In 1953 they published

conductometric and pH data which allowed them to calculate the pKa•s
of several acids in water.

Through the correlation of their values

with data of other authors, they were able to construct an acidity
table of 48 pseudo acids.

These authors also made a log k vs. pKa plot

of these acids and obtained a slope of 0.60.
that while the

Br~nsted

It is interesting to note

relationship had been known for 30 years,

these authors never once mentioned their use of this relationship in
their paper.
As can be seen from the preceding discussion, before the mid
195o•s, work in the acid-base chemistry field was not extensive.
Reasons for this lack of interest in the field may have been two-fold.
First, the instrumentation needed for such sensitive measurements was
not available or had not attained the sensitivity needed to measure
pKa s in the range of 15-40.
1

Secondly, the practicality and usefulness

of such experimentation was not fully realized until W.V.E. Doering
(28) showed that carbenes were a unique type of intermediate in organic
synthesis.

In addition to

this~

Hine (29) also showed that there was

a potential route to carbenes through haloform solvolysis.
More advanced instrumentation as well as other work by Hine

(30~

31,32) brought about this renaissance in acid-base chemistry in the
late 1950 1 s and early 1960's.
Whenever one speaks of acidities and the breaking of a carbonhydrogen bond, the topic of isotope effects is always mentioned.

One

12

paper which is frequently referred to is the one by C. G. Swain (33)
which appeared in 1958.

Among other things, this paper gives a

theoretical calculation for obtaining a relationship betv1een protium/
tritium and protium/deuterium isotope effects.

In the calculation of

this relationship, Swain states:
we assume that all differences except those in
zero-point vibrational energy are insignificant, that
X is polyatomic and very heavy compared to fl, that
isotopic substitution affects the vibrations of only
the bond which holds the isotope, and this can be
treated as a harmonic oscillator; and that all molecules
pass over, rather than through, the reaction potential
barrier ... 11
11 • • •

This relationship led to the following numerical relationship:

k /k

H T

= (k H/k 0 )1.442

Streitviieser (34) refined this

relationship~

by using reduced

masses and calculated the relationship:
k Ik

H 'T

~4any

= (kHI k0) 1. 4 27 = (k DI kT) 3 • 344

significant thermodynamic and kinetic acidity results have

been published since the above work by Doering, Hine and Swain.
Streitwieser (35)

v~orking

in cyclohexylamine, Steiner (36), Bm1den (37)

and Ritchie (38) working in DMSO, and Andreades (39) working in
methanol have developed a large body of thermodynamic and acidity data
for carbon acids in the 11-35 pKa range.
Eigen (40). in 1964, published a paper on proton transfer and acidbase catalysis, where he covered mechanisms of proton transport,
diffusion controlled reactions, methods for studying fast reactions in
solutions, and kinetic-thermodynamic relationships.
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B.

HALOFORr1 KINETIC Arm

THERr~ODYNAtHC

ACIDITY t1EASUREr1EHTS

As was mentioned earlier, J. Hine has done work on the hydrogen
isotope exchange kinetics of the haloforms.

He did most of his work

in aqueous solution using hydroxide ion as the catalyst (30,31,32,41).
Hine was able to obtain his data through the use of IR and BeerLambert law techniques.

Table II gives some of the data

~vhicll

Hine

obtained with his work on haloforms.

Table I I :
Haloform

Kinetic rate data for selected haloforms

Base/Sol vent

Temp.

10 2k

L\Ht

LISt

oc

Uf 1sec -l)

(a)

(b)

0.4]

Ref.

Chloroform-d

OH-;H 20

0.0

Chloroform-d

OH- /H 2o

20.1

10.2

Chloroform-d

OH-/H 20

35.0

73.5

41

Chloroform-d

OD- ;o 2o

20.0

20.7

41

Chloroform-d

Dr·1e- /t1eOH

20.2

Bromoform-d

OH-;H 20

0.0

OH-!H 20

35.0

Bromoform-d

41
23.8

18.2

0.89

57.9:=)

41

30

32
20.3

4660

15.0
32

aKca 1 per mo 1
bCal per mol-°K

Hi ne ( 30) made a comment which is vJOrthy of note.

This statement

was made in reference to the kH/k 0 isotope effects listed in Table II
and is as follows:
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"With the kH/ko values in these simple carbanion
formation reactions being so much smaller than the
values (ca. 6) obtained in other carbanion formations
and those obtained in other proton removals that
appear to be concerted eliminations, it seems
difficult to rule out the possibility that other
hydrogen-transfer reactions proceeding at moderate
rates v.ri 11 be found that have still sma 11 er deuteri urn
kinetic isotope effects. For this reason it would
be ~>Jell to viev1 v.Jith skepticism the generalization
that the absence of a marked deuterium kinetic
isotope effect proves that a hydrogen is not being
transferred in the rate-controlling step of a
reaction."
Although some work was done by 1\ndreades (39) and r·1ore O'Ferrall
(42), Hine 1 s kinetic work on haloforms was essentially all of the
work done on haloforms until Klabunde and Burton (43,44) in 1972
published their work Hhich was carried out in 50:50 mole%
with triethylamine as base.

Dt1S0-~1e0H

Hine made no attempt to estimate a pKa

for any of his haloforms although Klabunde and Burton do crudely
estimate a pKa of chloroform and bromoform as 15.5 and 13.7
respectively.
In 1973 Margolin and Long (45) published results on the acidic
behavior of chloroform in aqueous solutions.

By a self-admitted

circular argument, they obtained a pf(a of 24 at 25°C for chloroform.
Table III lists the combined kinetic results of Klabunde and
Burton, and Margolin and Long.
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Table III:
Haloform

Combined kinetic data for some ha 1 oforms

Base/Solvent

Temp.

k

oc

( r1 -1 sec -1 )

pi<

a

Ref.

Chloroform

Triethylamine
in m1SO-t1e0H

37.0

18.2a

15.5

43

Bromoform

Triethylamine
in Df-1S0-!·1eOH

37.0

160.7a

13.7

43

Chloroform

OH- /H 20

25.0

24

44

0.165

aRelative rates based on CF 3CH(C 6H5 )CF 3

C.

PHENYLACETYLE[~E

KIHETIC AND THERf.10DYNAf1IC ACIDITY 11EASURE11E!HS

Acidity studies of phenyl acetylene have been done in a variety of
solvents at several different temperatures.

The pKa's obtained from

these studies range from 21 in Dt1F to 26.5 in Dr1SO.

Table IV

summarizes the results of the work done by various authors.
As can be seen in Table IV, six different solvents have been
used at a variety of temperatures.

It is also interesting to note

that in none of these papers was a kinetic rate constant and a pKa
1 is ted together.

16

Summary of acidity results for phenylacetylene

Table IV:
Solvent

Temp.

oc

Water

25

Water

25

k

pKa

Misc.

22

21.0

46

270

9

18.5

Water

(a)

Water

94

4.4xl0- 5 (b)

49
24

26.5

DMSO
DMF

21

0-80

23.2

CHA

MeOH(d)

25

23
21

22

Ether
DMSO

Ref.

(M- 1sec- 1 )

1.86x10- 3 {e)

a kH/ko = 1.00, and 8 = 0.97
b sec -1
c Ea = 18.5 Kcal/mol and ~st = -21 cal/mol-°K
d results for phenylacetylene-d
e sec -1

(c)

47
50
48
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D.

SELECTED ACIDITY RESULTS It~ t1ETHA1WL

The experimental work for this thesis was carried out in methanol
with sodium methoxide as the base.

Although there are a number of

papers on this subject, discussion will only include those which seem
especially pertinent to the subject at hand.
One of the more important pieces of work, as far as this thesis
is concerned, is the work by Koskikal1io (51) in 1957.

Koskikallio,

by use of a H2/Ag electrochemical cell, calculated the K1 's for
methanol at temperatures ranging from
ranged from 17.51 at

ooc

ooc

to 45°C.

These pKa values

to 16.27 at 45°C.

In 1958, Reinheimer (52) obtained salt effect results in methanol
when he observed the rate of the methoxide catalyzed decomposition of
2,4-dinitrochlorobenzene.

He varied the concentration of added salt

from 0 to 0.20 molar and found that the rate constant for catalysis by
OMe- was the same as the rate constant for catalysis by the NaOMe ion
pair.
Cram (53), in a paper published in 1961, looked at how the
solvent controlled the rate of acid-base reactions involving the
carbon-hydrogen bond.

He used potassium methoxide as a base and

obtained a rate constant for the racemization of (+)-2-methyl-3phenylpropionitrile in various solvents.

The rate constant in dimethyl

sulfoxide was approximately 10 9 times the rate constant observed in
methanol.

Cram attributed this difference in rate constants ••to the

presence of solvent-anion hydrogen bonds in methanol (CH 30H---0CH 3 )that are absent in dimethy1 sulfoxide ...

He also found that at base
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concentrations below 0.02 M, NaOMe is fully dissociated and the
methoxide anion is the catalytic species.
Cram (54), in another publication, found kH/ko isotope effects
ranging from 0.5 to 1.5 in various alcoholic solvents.

He explains

these small isotope effects as coming from an internal return,
diffusion controlled mechanism.
Andreades (39) observed the hydrogen isotope exchange rates of
a series of fluorohydrocarbons in a sodium methoxide-methanol solution.
Andreades arrived at several conclusions which are pertinent to this
thesis;
1.

First, he found no significant salt effect; thus

concluding that only solvated methoxide ions are involved in
the exchange process even at 0.1-0.2 M concentrations.
2.

He obtained isotope effects (kH/k 0 ) of 2.1.

3.

He also found that traces of v1ater have little or no

effect on the observed rate constants.
4.

He states:

"the simple sodium methoxide-methanol medium

seems suitable for estimating relative acidities of weakly acidic
hydrocarbons in the pKa range 16-35.
5.

11

Finally, Andreades refers to Cram's (54) internal return,

diffusion controlled mechanism and discounts it as being a
complication in his reactions.

He justifies this assumption by

the following argument:
''There is an added kinetic comp 1i cation which
may lower an observed exchange kinetic isotope effect.
Thus, if in the process of exchange, the initiallyformed carbanion (eq. 5) returns to substrate much
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more rapidly than it becomes protonated by a bulk
solvent molecule. the observed
kl

RfH + Ot1e

-+

+

Rf + HQ!.1e

*HOI1e

k_l

.....

Rll

(5)

k2

isotope effect wi 11 be l owet~ than the true isotope
effect (k~/k~) by a factor equal to the reciprocal
reverse isotope effect (t~/~~).
The above complication does not seem to be
important in the present work. In eq. 5, as the base
strength of R:f: increased, much more internal return
(k_ 1) relative to k2 would be expecteds resulting in
a decrease in the observed isotope effect. This is
not the case. The isotope effects are essentially
invarient with a change in substrate. 11
One paper which can not be omitted from this discussion is a paper
by Streitwieser (55) in 1968.

~1any

of the experimental procedures

described in the paper are similar to the ones which will be described
in this thesis.

Streitwieser obtained some kH/k 0 isotope effects of

unity and interpreted this to mean that his reactions were diffusion
cantrall ed.
Streitwieser also mentioned his values for the entropies of
activation and interpretes them as being:
" ... not far from zero and not at all the- -20 eu
expected for a normal second-order reaction. For the
internal return mechanism the experimental ~S* is a
composite of the entropies of several steps~ an
equilibrium, for which b.S* might well be small in
magnitude, and a diffusion step, for which ~S* might
also have a small magnitude. Consequently, such
activation parameters may also be diagnostic of
interna1 return.
11
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In that same year Cram (56) published his acidity work carried

He arrived at three conclusions:

out in methanol.
11

(1)

(2)
(3)

As llpKa increases, the slope of the BrQ'nsted
plot increases.
The entropy of activation becomes dramatically
more positive as llpKa increases.
The kinetic isotope effect for racemization (and
hence exchange) decreases as 6pKa increases. 11
6pKa

=

pKa (acid) - pl<a (11e0H)

Other results and conclusions which Cram obtained are:
a- The closer the transition state resembles the conjugate
base of the acid, the closer to unity the Br~nsted a
wi 11 be.
b - Potassium methoxide in methanol has an average solvation
number of 9 at 25°C.
c- Entropy of activation for isotopic exchange of the carbon
acids changes fro~ about -11 eu for the strongest carbon
acid to close to +11 eu for the weakest carbon acid.
Ritchie (38) from work in methanol with methoxide base obtained
the pKeq for the reaction:
CH 30- + RH :t CH 30H + RHe calculated pKeq

1

S

for triphenylmethane.

which ranged from 4.6 for 9-phenylflourene to 17.0
Ritchie also made some comments which are of

interest:
For reactions with similar equilibrium constants
in the two sol vents [MeOH~ Dr4SO], the rate of proton
transfer is much faster in Dr1SO solution."
11

He also reaches the conclusion that 11 the rates of reaction of methanol
with carbanions become diffusion controlled only \'/hen the t.pK is
greater than 18.

11
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Ritchie (57) in a related paper drew the follov1ing conclusions
from his data:
1. "The piC s of carbon acids of the fluorene or
triphenylmethane types are approximately 6 pK units
lower in m~so than in methanol solution."

0ur data, then, indicate that carbon acids are
slow in proton transfer reactions due to two factors:
internal geometric rearrangements on ionization to
vJhich the principle of least action is applicable, and
a solvent reorientation in hydroxylic solvents."
2.

11

3. " ... those carbon acids whose conjugate bases have a
localized charge are predicted to have proton transfer
fates considerably greater than acids of the same thermodynamic strength whose conjugate bases have delocalized
charges. That is~ saturated hydrocarbons, al kenes,
a1 kynes and cycl oa 1 kanes whose conjugate bases are
localized are expected to show 'kinetic acidities•
greater than their thermodynamic acidities."

Streitwieser (34), from his acidity studies in methanol on various
fluorenes, obtained the following results:
1.

Br0nsted a of 0.369.

He stated: "when the mechanism of charge stabilization
is exclusively delocalization, we suggest that the Br¢nsted
a value is a valid measure of the amount of charge being
delocalized." Thus 11 only 37% charge delocalization has
occurred in these n-systems compared with the equilibrium
carbanions. 11
2.

3. Calculated pJ<a's using pKa values obtained in cyclohexylamine and in water.

4. Calculated an equation for correction of rate constants
to rate constants at infinite dilution of 1Ja011e. This
equation is
k2(observed)
b is temperature dependent.
k2 = 1 + b[Na0f·1e]

22

E.

EQUILIBRIUM QUENCH METHODS
This part of the Historical section of this thesis will deal vdth

quench methods for the determination of thermodynamic acidities.

While

the method is not new, the technique and application are.
One of the first instances of the use of this method was by Corey
(58) in 1962.

He set up the following equilibrium:

After this equilibrium had been established, he quenched the reaction
by adding excess

o2o and

measured the ratio of (C 6H5 ) 3co to (C 6H5 ) 3CH.

Ritchie (59), two years later, refuted this work by finding that
five minutes after quenching the above equilibrium, complete
equilibration of hydrogen and deuterium was obtained throughout the
system.
Leffek (17) in 1971 did a DCl C']Uench on the equilibrium between
a sodium alkoxide (ethoxide, isopropoxide, or t-butoxide) and di-(4p
nitrophenyl)-methane in alcohol.

Although he found deuterium on the

aliphatic carbon atom, he didn't use this fact other than to say that
the reaction was a reversible proton transfer.
Breslow (13) calculated pKa values in 1973 by setting up a
competitive equilibrium bet\-.Jeen two weakly acidic hydrocarbons.

He

dissolved p-methoxyphenyldiphenylmethane and triphenylmethane in TI1F,
and then added n-butyll i thi urn to ionize part of each of the hydrocarbons.
with 020.

After the equilibrium had been established, it was quenched
From the percentage deuterium found in each hydrocarbon, he
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was able to determine the pKa of p-methoxyphenyldiphenylmethane to
be 32.5.
F.

SCINTILLATION COUNTING

Although tritium was discovered 40 years ago by Oliphant (60),
only within the last 10-15 years have tritium studies on carbon acids
been carried out.

The problems involved with the detection of

tritium was probably the main reason for the slow acceptance of
tritium as a tracer in kinetic acidity measurements.
very weak (- 18 KEV) beta emitter.

Tritium is a

In order to detect such a weakly

energetic particle the detection device for tri ti urn has to be very
sensitive since the emitted beta particle can be stopped by only a
few mm of air.

The discovery of liquid scintilla tion counting

by

Kallmann (61) and Reynolds (62) in 1950 helped make tritium analysis
a routine undertaki ng.

Because of the sensitivi ty and ease of

scintilla tion counting, the use of tritium as a tracer in kinetic
studies is now used extensive ly in the laborator y (14,18,63).
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III.
A.

RESULTS AND DISCUSSIONS

EXPERIMENTAL
The experimental portion of this thesis is divided into three

parts.

The first part is a description of the compounds and solutions

used in the kinetic and thermodynamic procedures employed.

The second

part is a description of the kinetic and thermodynamic procedures
employed.

The third part is a description and summary of the calcula-

tions performed in relationship to the work described in this thesis.
The instruments used to determine the identity and purity of the
compounds used in the acidity studies are:
1.

Varian Aerograph 90-P gas chromatograph (GC) with a thermal
conductivity detector.

Column -- 5 ft x 0.25 in. 20% SE-30,

which was used at 100°C to 115°C.
2.

Perkin Elmer 137 NaCl prism spectrophotometer.

3.

Varian EM 360 Nuclear Magnetic Resonance (nmr) Spectrometer.

4.

Varian A56-60 Nuclear Magnetic Resonance (nmr) Spectrometer.

5.

JOEL JMS 0100 Mass Spectrograph with TI 980A Computer
hook up with 16K memory.

1.

Compounds and Solutions
In this section, compounds and solutions used in the kinetic runs

are described as to purity, identity and/or methods of preparation.
a.

Chloroform

Obtained from Mallinckrodt Chemical Works as a spectrophotometric
grade solvent.

An infrared spectrum on this compound agreed with

Sadtler spectrum #2224.

The nmr spectrum showed only one peak at

o = 7.22 ppm. The GC analysis showed only one peak.
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b.

Chloroform-d

Obtained from Merck

&

Co., Inc. with the advertised minimum

isotopic purity of 99.8 atom % deuterium.

The GC analysis carried

out under the same conditions as for chloroform showed only one
component.

The nmr spectrum showed no absorbance except for a small

chloroform(H) peak.

The IR spectrum was very similar to that of

chloroform except for the difference in the C-H vs. C-D bonds.
c.

Bromoform

Obtained from Eastman Kodak Co.

Infrared spectrum of this

compound was identical to Sadtler spectrum #10.

The GC analysis

obtained using the same conditions as for chloroform showed only a
one component system.

Nmr spectrum was the same as for Sadtler

bromoform spectrum #6375 which shows a peak at
d.

o = 6.80 ppm.

Bromoform-d

Obtained from Stohler Isotope Chemicals with an advertised purity
of 99% deuterium.

Infrared spectrum of this compound was similar to

the Sadtler bromoform(H) spectrum #10.

The nmr spectrum showed no

peaks except for a very small one for absorbance by CHBr 3.
e.

Pheny1acetylene

Obtained from Eastman Kodak Company.

The absorbance peaks on

the IR spectrum of this compound were the same as those on the
phenylacetylene Sadtler spectrum #4615. The GC analysis obtained
under the same conditions as for chloroform showed only a one
component system.

Nmr spectrum was the same as for the Sadtler phenyl-

acetylene spectrum #222 with peaks at

o = 3.08

and 7.45 ppm.

High

resolution mass spectrographic analysis gave a molecular weight of
102.02.
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f.

Phenylacetylene-d

A procedure used by J. R. Johnson (64) was modified for the
preparation of this compound.

The preparation of phenylacetylene-d

was initiated by first preparing the ethyl magnesium bromide in ether.
The phenylacetylene Grignard was obtained by exchange of the ethyl
Grignard with phenylacetylene in ether.

The resulting phenylacetylene

Grignard was hydrolyzed by dropping into its ether solution, deuterated
water (99.82% D).

The newly prepared phenylacetylene-d was extracted

with pentane and purified by distilling twice under aspirator vacuum
at a temperature of 48-49°C.

The IR spectrum of phenylacetylene-d was

similar to that of phenylacetylene except for the difference in the
C-H vs. C-D bonds.

The nmr showed aromatic protons at 6 = 7.45 ppm

with no noticeable acetylenic protons at 6

= 3.08

ppm.

High resolution

mass spectrographic analysis gave a molecular weight of 103.07.
g.

Anhydrous Methanol

Obtained from Fisher Scientific Company.
allowed to react with magnesium turnings (65).

This methanol was
The methanol was

distilled from the turnings and collected under argon.

This first

distillate was then redistilled and collected and stored under argon.
h.

Toluene

Obtained from Fisher Scientific Company.

Toluene was distilled

from sodium and collected, stored under argon.
i.

Scintillation Solution

This solution was prepared (66) by

dissolving~

in the above

distilled toluene, 4.3 g/1 of 2,5-diphenyloxazole (PPO, Nuclear
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Associates Scintillation Grade) and 0.26 g/1 of para-bis-[2-(5phenyloxazolyl)]-benz ene (POPOP, Nuclear Associates Scintillation
Grade).
j.

Sodium Methoxide Solution

Freshly cut sodium was first cleaned by placing it in reagent
grade methanol.

The clean sodium was then placed in 500 ml of

anhydrous methanol, and the resulting solution was stored under argon
in a ground glass-stoppered bottle.

In order to calculate the base

strength of the solution, potassium hydrogen phthalate was weighed
and dissolved in water.

This solution was then titrated with the

sodium methoxide solution using phenolphthalein indicator.
k.

Benzene Sulfonic Acid Solution

Dissolved 176 grams of c6H5so 3H·H 2o from Eastman Kodak Company
in one liter of methanol to make a one molar solution.
1.

Tritiated Water

Tritiated water was obtained from New England Nuclear Company
in quantities of one curie per gram and was divided by syringing
20

~l

of it into a capillary tube which was then sealed.

After

sealing the capillary, it was sealed in a piece of 4 mm glass tubing
and stored.
2.

Kinetic and Thermodynamic Procedures
In this section the procedures and methods used in making the

various runs will be described.

A description of auxiliary equipment

and procedures, which are necessary for a run, are also included.
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a.

Kinetic Baths

The kinetic runs were made at 0°C, -l0°C and -20°C.
brium quench runs were made at 0°C, +l0°C and +25°C.

The equili-

The kinetic and

thermodynamic runs made at 0°C were made in an equilibrium ice-water
mixture.

The runs made at -l0°C, +l0°C and +25°C were carried out in

a thermostatically controlled circulating bath which was equipped with
a heating element and refrigerating coils.

The heating element was

controlled by a Mercury Magnaset thermoregulator.

The cooling coils

were connected to an external cooling bath where an antifreeze mixture
was cooled by use of a Blue Mconstant flow cooling unit.
The baths were 20 liter battery jars which were insulated by
styrafoam from acid carboys.
with the tops cut off.

Some of the baths were the actual carboys

Each of the baths were mechanically stirred.

The baths usually contained a solution of ethylene glycol and water.
The temperature of the baths never fluctuated by more than

±

O.l0°C

from the desired temperature; generally it was less than this.

Because

of the need for infinity points in the runs, the baths were set up so
that they would keep their temperatures constant for weeks at a time.
The -20°C bath was a self-contained heating and cooling unit
(Haake FK 2).
± 0.05°C.

The temperature of this bath fluctuated by no more than

Ethylene glycol was first tried as a medium for the bath

but because of its viscosity at -20°C, ethanol was used and much more
uniform cooling and stirring was obtained.
b.

Temperature Determination

Based on the fact that an ice-water mixture has a temperature of
0.00°C, the temperatures of all other baths were determined by a
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Using ice-water as the

copper - constantan three - bank thermocouple.

reference junction, a Leeds and Northrup 8691-2 millivolt potentiometer
was used to calculate the absolute temperature.
The galvanometer on the potentiometer was readable to
microvolts, which is equivalent to

±

0.02°C.

±

2

In order to obtain the

correct temperature, the three- bank thermocouple was calibrated by
using the following standards.
1.

Na 2so 4 Transition Point.

(A saturated solution of Na 2so 4

holds the temperature constant at 32.384°C (67).)
Potentiometer should read:
Potentiometer actually read:

3.878 millivolts
3.880 millivolts

Temperature as read by potentiometer:
2.

Melting Point of Ice.
Potentiometer should read:
Potentiometer actually read:

3.

32.398°C

Freezing Point of cc1 4.

0.000 millivolts
0.000 millivolts

(-22.99°( {68).)

Potentiometer should read:
Potentiometer actually read:

2.579 millivolts
2.578 millivolts

Temperature as read by potentiometer:

-22.98°C

Since the temperature corrections, as determined from the above
standardization, were within the uncertainty limits of the potentiometer, no corrections were made on the temperatures of the baths as
read by the potentiometer.
c.

Radioactivity Determination

The data from the kinetic and quench runs were obtained from liquid
scintillation counting (69,70).

A 1.00 or 2.00 ml toluene extract of
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a kinetic or equilibrium sample was counted for tritium activity in
glass vials containing 15.0 ml of scintillation solution.

For all

runs, tritium activities were obtained by the method of external
standard ratio technique (69) using a Nuclear Chicago Mark II Liquid
Scintillation Counter.

Calculation of the absolute tritium activities

are covered in more detail in Part 3 of the Experimental portion of
this thesis.
The amount of radioactivity present in the stock solutions of
each run was obtained by diluting 50
in methanol.

A 50

~1

~1

of the stock solution to 50 ml

sample of this solution was counted for tritium

activity in glass vials containing 15.0 ml of scintillation solution.
One interesting note about these glass vials; after the vials and
tritiated methanol had been at room temperature for several days, much
(~

50%) of the radioactivity disappeared although there was no notice-

able change in the volume of liquid present.

Thus samples were always

counted immediately.
d.

Extraction Process

A vital part of the whole experimental process in a run was the
extraction process.

This process involved the extraction with toluene

of the hydrocarbon from its methanol solution.

The extraction process

took a minimum of eight hours to perform and involved six separate
washes of the toluene with distilled water.
10 ml of distilled toluene was first pipetted into the 125 ml
separatory funnels (Teflon stopcocks).

15 ml of water was then added,

as it was for each of the other five washes.

Each point in a run was

washed into a separatory funnel with 5 ml of methanol.

At the same
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time any broken glass from the bulbs in the kinetic runs was also
washed into the separatory funnels.
After the solution for the kinetic point had been washed into
the separatory funnel, the funnel was shaken ten times; as were the
funnels for all washes.

The first wash was allowed to sit a minimum

of five hours or longer depending on how quickly the cloudiness in
both layers disappeared.

After the cloudiness abated, the water was

drained and new water added to the separatory funnel.

The second wash

was allowed to set for one hour or until the cloudiness disappeared.
The rest of the washes were allowed to set for 30 minutes.
One major problem in using extractions, especially for kinetic
data, is the loss of the hydrocarbon into the washing material.

In

this thesis problem, the percentage of extracted material was very easy
to check.

This involved rewashing the toluene solution which contained

the radioactive hydrocarbons.

If the absolute radioactivity for the

original washings is identical to the radioactivity for the rewash.
no hydrocarbon is lost to the wash media, so we can assume that 100%
extraction is accomplished.
The rewash was carried out by adding 5 ml of the washed toluene
to 5 ml of distilled toluene and 15 ml water in a separatory funnel.
Six ml of methanol and one ml of one molar benzene sulfonic acid (BSA)
were also added to make the conditions identical to those of the
original set of washings.
Table V contains the data for DPM's * after the normal set of
washings vs. after rewashing.

* DPM = disintegrations per minute.
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Table V:
Hydrocarbon

DPM's for normal set of washings vs. rewash
DPM's (First Wash)

DPM'sa (Rewash)

% Loss

Chloroform

305614

279357

8.6

Bromoform

15816

15674

0.9

Phenyl acetylene

12526

12425

0.8

a

Average of several rewashes (4 or more)

The 8.6% loss is not critical in this work because for CHC1 3 and
CDC1 3 only isotope effects were calculated.

The isotope effects are

ratios of CHC1 3 and CDC1 3.
e.

Miscellaneous

The items listed under the miscellaneous heading are such things
as bulbs for kinetic

runs~

test tubes used for the runs, washing

procedure for glassware, etc.
The bulbs which were used for the kinetic runs were blown from
3 mm x 150 mm glass tubing.

Each had to be small enough to fit into

a 20 mm test tube but fragile enough to be crushed against the bottom
of the test tube at the time of initiation of the reaction.
The test tubes which were used for the kinetic runs were 20 x
100 mm Pyrex test tubes which were shortened from 20 x 150 mm test

tubes in order to decrease the interior surface area.
The clock which was used for all kinetic runs measured the time
to the hundredth of a second (71).

The foot switch was used to freeze

the time on a display so that it could be recorded.

While the time

was frozen on the display, the clock was still keeping the time
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internally.

Thus the timing for as many kinetic points as needed

could be kept on the clock at the same time by measuring the differences between events.
Radioactive solid wastes such as paper towels, glass tubing from
bulbs and septums were stored in radioactive waste containers.

Liquid

radioactive wastes such as wash solutions were stored in five gallon
solvent cans.

These wastes plus the drying and scintillation vials

were disposed of by the campus health physicist.
Body monitoring for tritium content was done once each week in
which a run was made.

One ml of urine was added to a glass vial which

contained 10 ml of Packard INSTA-GEL emulsifier.

The contents of the

vial was then counted on the scintillation counter.

During all runs,

washings, and glassware handling; rubber gloves were worn to minimize
body contact with tri ti urn.
All glassware (separatory funnels, test tubes, syringes, and
flasks) which came in contact with radioactivity during a run were
allowed to dry in a hood.

After drying in the hood, they were

submerged in flowing hot water for an hour or longer.

After the water

treatment they were placed in an alcoholic - KOH bath overnight.

When

taken from the alcohol bath, they were thoroughly rinsed with distilled
water and allowed to dry.

The test tubes and syringes were dried in

a 100°C oven.
Septums were prepared for each kinetic run by boiling in methanol
for one hour.

f.

Kinetic Runs

Briefly, the kinetic runs were carried out by immersing a fragile
bulb containing 50

~l

of sodium methoxide solution into a test tube
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containing 1 ml of the hydrocarbon and tritiated methanol.

After the

test tube and contents had equilibrated in the bath for at least 30
minutes, the reaction was started by crushing the bulb against the
bottom of the test tube.
At an appropriate time, the reaction was quenched by syringing a
solution of 1 M benzene sulfonic acid into the reaction mixture.

The

resulting solution was rinsed into the separatory funnel, washed and
analyzed by liquid scintillation counting techniques.

Thus each

kinetic point was a separate experiment.
The stock solution contained methanol, hydrocarbon and TOH.

For

each run of about 15 points, a weighed amount of hydrocarbon was
dissolved in 15 ml MeOH.

A glass capillary containing 20

~l

tritiated water (one curie/gram) was added to the solution.

of
The weight

of the hydrocarbon was accurately determined by weighing a glass
capillary, introducing the hydrocarbon into the capillary, sealing
the capillary with an oxygen torch and then reweighing the capillary.
Both capillaries (TOH and hydrocarbon) were then crushed under the
methanol by using a glass stirring rod.

The resulting solution in

the 125 ml erlenmeyer flask was stored under argon which was then
sealed by using a rubber septum and wire.
Into each test tube 1.00 ml of the stock kinetic solution was
syringed.

After pushing the sealed end of the fragile bulbs through

a punctured rubber septum; the bulbs, which contained the sodium
methoxide solution, were placed in the stock solution in the test tube.
The test tubes were sealed by the rubber septum.
assembly is illustrated in Figure 1.

The resulting
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\old--

1.00 ml OF STOCK SOLUTION

~~- 0.05 ml OF SODIUM METHOXIDE SOLUTION

Figure 1:

Cross section of the kinetic assembly.
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Except for one thing, the blanks for the kinetic runs were
carried out exactly the same way as was the kinetic points.

This

exception was that no base was added to the blanks. The DPM 1 s for
the blanks were always low (less than 20% of the DPM s for the
1

shortest time in the kinetic run).

This data shows that catalysis

by methanol and benzene sulfonic acid is very slow and need not be
a cause for concern.
After the kinetic run solution was washed for the final time, the
toluene solution was poured into glass screw-capped vials containing
CaC1 2 as a drying agent.

The cac1 2 was used to remove the remaining

water and methanol from the toluene.

The toluene solution sat over

the CaC1 2 overnight in a freezer (- -40°C).
A word of caution should be mentioned at this point. Molecular
sieves (4A-Fisher) were originally used to dry the toluene extract.
However it was found that as much as 10% of the haloforms and 20% of
the phenylacetylene were adsorbed by the molecular sieves after 24
Lengthening the time that the solution was in

hours over the sieves.

contact with the sieves increased the amount of hydrocarbon which was
adsorbed.
In order to experimentally determine the values which a kinetic
point could obtain at infinity time, one of two procedures were
followed.
1.

If the half-life of the reaction was short enough, selected

kinetic point solutions were allowed to run for at least 20 half-lives.
2.

If the half-life of the reaction was fairly long, points were

prepared by adding 50

~1

of base and one ml of stock solution to a
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five ml ampoule.

The ampoules were sealed and placed in a baby-food

jar which was submerged in the desired bath.

After several days (at

least 20 half-lives) the ampoules were broken open, quenched, washed
and worked up as before.
g.

Eguilibrium Quench Runs

The equilibrium quench runs were made by mixing phenylacetylene
and base, and allowing the equilibrium to establish in methanol at the
desired temperature.

Once this equilibrium had been established, it

was quenched by dropping the solution into tritiated benzene sulfonic
acid in methanol.

Since the proton to tritium ratio in the BSA

solution is known, the concentration of the phenylacetylene anion at
equilibrium can be calculated by scintillation counting.
The phenylacetylene solution was prepared by weighing the empty
25 ml volumetric flask on a

t~ettler

H-20 balance.

The phenylacetylene

was syringed into the flask and the flask was weighed again. After
syringing 3 ml of sodium methoxide into the flask, it was weighed and
filled to the mark with methanol at the desired temperature.

The

flask was allowed to come to ambient conditions and weighed for a
final time.
The tritiated benzene sulfonic acid was prepared by first
weighing the empty 25 ml volumetric flask and pouring approximately
10 grams of benzene sulfonic acid into it.

The flask was weighed

again and filled to the mark at the desired temperature with methanol.
The flask was weighed again and approximately 20 ml of solution was
poured from it into a 50 ml erlenmeyer.

Three capillaries of

tritiated water (60 11l) v1ere added to the erlenmeyer flask and crushed
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by use of a glass stirring rod.

The resulting solution was then stored

under argon and the flask was sealed with a septum.

For each of the

points in a quench run a 15 ml weighing vial containing a small
magnetic stirring bar was flushed with argon and weighed on a Mettler
P 163N top-loading, three decimal place balance.

After weighing, two

ml of the tritiated benzene sulfonic acid solution was syringed into
the vial.

The vials used as blanks, had non-tritiated BSA added to

them, instead of the tritiated BSA.

After weighing the vials and

contents, the vials were ready to have the equilibrium mixture of
phenylacetylene-base added to them.
A pro-pipette bulb equipped with a screw clamp, was affixed to
a graduated 10 ml pipette. The screw clamp was used on the pipette
bulb so that the flow rate from the pipette could be controlled. The
pipette was jacketed so that bath water {at the desired temperature)
could be circulated around the pipette (Figure 2).

Once the bath water

was circulating through the jacket, the equilibrated phenylacetylenebase solution was drawn into the pipette.
The weighing vials containing the tritiated acid were placed in
the bath to bring them to the same ·temperature as the phenylacetylene
solution.

After equilibration, they were placed on a magnetic stirrer

and by adjustment of the flow rate with the screw clamp, the phenylacetylene solution was slowly dropped into the weighing vials, drop-bydrop, until approximately one ml of solution had been transferred into
the vials.
weighed.

After the quench, the vials and their contents were
Following this weighing, two ml of tritiated acid was added
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'1.-------

~,.-----

t-:~~Sot-----

PRO-PIPETTE BULB
SCREW CLAMP

10 ml OF PHENYLACETYLENE -BASE
SOLUTION

_ _llzl.~b=~- STIRRING BAR
----1>---

Figure 2:

MAGNETIC STIRRER

Experimental setup for a quench run
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to each of the blanks and they were weighed again.

The samples were

then transferred to the separatory funnels, washed and dried the same
way as for the kinetic points.

A two ml sample of the dried toluene

solution was placed in a glass scintillation vial and counted in
the liquid scintillation counter.
The blanks for the quench runs were obtained, so that any radioactivity which might be due to exchange occurring after quench could
be subtracted from the DPM's for each quench point.
3.

Calculations
This section includes calculations which were performed in

relationship to the work described in this thesis.

Computer calcula-

tions for first order rate constants were performed on the IBM 360
computer.

A linear least squares program (72) for a programable Wang

calculator was used to calculate isotope effects and activation
energies.
a.

Treatment of Raw Data From the Scintillation Counter

The Mark II liquid scintillation counter used in this work was
equipped with an external standard (Ga 133 ).

This was used to help

convert observed disintegrations per minute (CPM s) to actual
1

disintegrations per minute (DPM 1 s) by the method of external standard
ratios (60).
The external standard is used to obtain a C/A channels ratio,
which is a measure of the quenching (absorbance) of the sample.
more a sample is quenched, the lower the CPM/DPM ratio.

The

By counting
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a series (7) of quench standards * and recording their C/A ratio, one
can plot a standard quench curve which gives efficiency (CPWs/DPt1's)
vs. C/A ratio.

By knowing the sample's ratio, its counting efficiency

can be obtained from the standard quench curve.
DPM's are obtained from the following equation:
0Pt·1' s

= CPW s/ Efficiency

For each kinetic point in a run, the sample was counted for
twenty minutes.

After this time period, the external standard was

counted for a one minute time period.

Table VI gives data and

calculated values for one particular kinetic run.
b.

Least Sguares Rate Constants

The kinetic rate constants were calculated by employing a modified
(73) LSKIN 1 program (74).

The program is used to calculate the best

least squares fit of the experimental points to the equation:

c = Cco

+

(C 0 - C )e-kt
00

where

cco

= OPt~ Is

co

=

DPf·1' s at time

=

0.00

c

=

DPWs at time

=

t

k

=

first order rate constant

at infinite time (experimentally determined)

The above equation in the program treated the rate constant and the
zero time values of the variable as adjustable parameters. The
experimental infinity values were submitted as fixed values for each
run.

*Obtai ned from At1ERSHAWSEARLE. The DPW s for each sample are
known.
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Table VI:

Sample

Data and results from bromoform kinetic run at -20.0°C
(DRS 52)

Time Run
(sec)

CPW s (a)

Efficiency

DPf·1' s

kx10 4 (c)

- l31 ank

(b)

1

29.97

322.00

0.482

591.92

1.43

2

61.36

668.50

0.489

1288.88

1.50

3

90.31

967.50

0.489

1900.33

1. 51

4

120.60

1225.60

0.484

2454.03

1.46

5

150.11

1553.75

0.488

3105.71

1.49

6

180.37

1762.80

0.481

3586.66

1.44

7

240.27

2392.15

0.474

4968.53

1.50

8

300.21

3006.40

0.484

6133.37

1.49

9

419.82

4064.60

0.478

8425.15

1.47

10

540.51

5207.95

0.476

10362.87

1.49

11

665.70

6398.55

0.477

13335.95

1.50

12

780.45

7560.80

0.481

15640.72

1. 51

13

900.83

8543.00

0.484

17572.63

1.48

14

1020.41

9516.25

0.470

20169.14

1.52

15

1139.97

10642.90

0.475

22327.91

1.52

,16

1259.93

11553.50

0.473

24347.80

1.51

17

Blank

41.35

0.485

18

Blank

33.75

0.484

19

Blank

37.65

0.473

85.2]
69.73
79.60

aPrinted directly from the scintillation counter.
bObtained from quench curve and C/A ratio.
cCalculated from first order rate expression using:
kt = log eCoo - log e (Coo-Ct)

=

78.20 =
Average
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The first order rate constant obtained from this least squares
treatment was divided by the base concentration to obtain a second order
rate constant.
c.

Isotope Effects

Kinetic isotope effects, k11 /k 0 , were obtained by observing the
tritium incorporation into the hydrocarbon for times early in the
reaction.

Times, which were less than 10% of a half-life, were plotted

(least squares) against DPWs.
The slopes obtained from these least squares calculations were
normalized to the same hydrocarbon concentration, base strength and
protium to tritium ratio.
Slope•

An example of this calculation is as follows:

= 35.21 from plot of time vs. DPM's

Slope (normalized)

=

Slope'

= 2.20
ceo [f~a0f-.1e J

35.21

(0.6542) = 24 · 46

Ceo is the value in DPWs, which a kinetic run would obtain at infinite

time if there were no isotope effects.

The actual value used in the

normalization of the slope is Cco110 5 .

B.

THEORY

L

Kinetics
The kinetics involved in proton-exchange processes are often

complicated and controversial.

Authors on the subject introduce and use

various arguments for justifying their results in proton-exchange
kinetics.

These arguments encompass such ideas as diffusion control

(38,75.76), internal return (59,77) and normal kinetics (16).
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The author will develop the kinetic theory of this work through
the use of a modified McKay equation (78,79) using isotope effects.
The mechanism of exchange will be discussed with literature justificaThe proof of the mechanism will be varified

tion for this mechanism.

in the section on Results and Discussion.
Mechanisms for proton exchange reactions can either be very
complex or very simple.

If a proton exchange reaction is started and

allowed to proceed, it will reach equilibrium.

In this case, the

reaction is rapid and equilibrium is obtained in a short period of time.
This means that at equilibrium, a species which is exchanging protons
in the reaction (i.e., RH), will lose its protons as fast as it gains
new ones.
The mechanism of exchange for a reaction could possibly proceed
according to equation {1).

Any of the steps in this mechanism can be

the all-important rate determining step.
RH + B ~ A + C ~ F ~ MeOH + G

(1)

The rate of proton exchange for this reaction has a value (R)
which depends on the rate determining step.

This rate (R) is the rate

at which the protons are lost from the RH and it is also the rate at
which new protons are incorporated into RH.
Because the rate of exchange cannot be determined for protons,
a tracer (T) can be added and the rate of exchange can be followed by
watching T-incorporation into or out of RH.

Although the addition of

a tracer will not change the mechanism of exchange, the rate observed
by watching the tracer will in all likelihood not be the same as the
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rate of proton exchange.
effects.

These differences in rates are due to isotope

Depending on the mechanism of exchange, these isotope effects

can be complex.
Assuming tritium is used as the tracer, the fo11owing theory can
be developed using equation (1) as a guide:
Let:
p

= total isotope effect in the forward direction

q = total isotope effect in the backward direction
y

[RT]

--[RH]

z=

[r~eOT]
[t~eOH]

The rates at which tritium is transferred in the forward direction
and backward direction are respectively:

R~

=

T

pYR

Rb

=

(2)

qZR

At exchange equilibrium (infinite time), there is no net transport of
tritium.
and

= qZco R

From this relationship comes:

z

Q= co
q
Yoo

(3)

p/q is the isotope exchange equilibrium constant.
shown later in the section on equilibrium isotope

As will be

effects~

this
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ratio (p/q) can be calculated by using C (statistical) and
00

Cm(experimental).
If the isotope exchange equilibrium has not been established,

then the rate of exchange of tritium will be:
-d[RT]

= pYR -

dt

= Y[RH]

Y0 [RH] + Z0 [MeOH]

-d(Y[RH])

=

qZR

+ Z[MeOH]

(4)

dt

=Y

00

[RH] + Z00 [f~eOH]

(5)

[RT] 0 + [r~eOT] 0 = [MeOT] + [RT] = [r~eOT] + [RT]
00
00

Let:
y - y
0
- y =

F = y

0

00

z - z0
z - z0

(6)

-=o-~...(X)

Also,
[RT] - [RT] 0

[MeOT] - [MeOT] 0

[RTt, - [RT] 0

[t•1e0T] 00

F = -~---=

-

(7)

[14eOT] 0

If equations (3). (5), and (G) are introduced into equation (4)
and simplified, the following equation develops:
q [RH] + p [t1e0H]
JT
F
dF
!O (I-F) =
R O dt
[RH][MeOH]

( 8)

Integration of equation (8) gives:
q[RH] + p[MeOH]

Rt

- log (1-F) =

e

(9)

[RH] [f1eOH]

Substituting in equation (7) and for this case [RT] 0

= 0,

equation (9)

becomes:
- log (
e

[RT]

q [RH] + p[t·1eOH]

- [RT]
oo

[RT] 00

)

=

[RH] [t1eOH]

Rt

( 10)
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q[RH] + p[t.1eOH]
For a specific run,

is a constant.

[RH] [t~eOH]

Let it = k.

The above analysis is similar to Milander•s approach (78) but has
been adapted to this system.
DPM's = C = [RT].

Let:

( DPW s)
A plot of loge (DPM•s) _ (DPMis) vs. t equation (10) gives a slope
00

00

of kR.
Rearrangement of equation (10) and substitution for OPM's gives:
[RH][MeOH]

1

R = -------

(

c
00

t 1oge C - C
p[t1e0H] + q[RH]
oo
t

In this work

[r~eOH] »

)

[RH].

which is 25M

>>

.03M

or

800:1.

Using this fact reduces the equation for the rate of proton exchange
to:
(11)

The first order slope which comes from the computer using the LSKIN 1
program is from equation (11):

~= s 1ope

[RH]

=

kobs

(12)

The above development has said nothing about the mechanism of
proton exchange.

The mechanism can be a complicated mechanism or one

of extremely simple proportions.
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As

~1cKay

(25) has reported; no matter what the mechanism of

exchange, the appearance or disappearance of an isotope will be first
order.

Equation (10) is a simple first order rate equation.

The discussion will now focus on the proposed mechanism of
exchange for the haloforms and phenylacetylene.

This discussion

~~ill

continue into the Isotope Effects portion.
In the kinetic studies of this thesis, as the [RH] changed, the
slope did not.

This shows that the rate of exchange (R) must be first

order in [RH].

Justification for this can be seen in equation (12).

As [RH] increases, R must also increase in order to hold the slope
constant.
Since the slope is constant,
k'

= -R[RH]

and
Slope= _pB_ = k'p

[RH]

The data from this work has shown that the rate (R) does have a
first order dependence on the base concentration.
Thus

or

where
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This argument shows that the rate (R) in the exchange process is
first order in [RH] and first order in [OMe-].
order dependence on [RH] and

[or~e-]

Because of this first

and because RH is the least acidic

species present, the following mechanism is consistent with these
facts.
RDS

(A)

RH + Qt.1e

( 13)

R- + Hot1e

-+

-+

R- + llOf~e

RH + Of1e-

k2

There is literature justification for this type of mechanism.
Probably the best known argument for the mechanism is Hine

1

S

work (30,

32,41,80) on carbene formation reactions from haloforms in ~vater and

methanol.

Hine stated that there is little doubt that the proposed

mechanism is the true

one~

with the first step being the RDS.

Margolin and Long (81) postulated the above mechanism for CHC1 3 in
water and stated:

11

The rate-1 imiti ng step here is a s1ow proton

transfer from the carbon acid to the base ••.

11 •

Halevi and Long (82), for the pheny1acetylene exchange in water,
find that the "only reasonable mechanism for base catalyzed exchange
involves direct attack of the acetylenic hydrogen by a base" giving the
above mechanism.

Schwenker and t·1eyer (49) sh0\1 a mechanism of exchange

in pyridine with the acetylenic hydrogen bond breaking being the RDS.
Although the results for this literature justification \vere
generally obtained in

water~

the author cannot believe that the mechanism

is too much different for these compounds in methanol.
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From the proposed mechanism, the rate of proton exchange is:

Since this reacti on is at equilibrium {without

tracer)~

the rate is

a1so:

Rearrangement of equation (11) gives:

c
)
co
e em - Ct

1og (

=

QB!_

[RH]

(13)

Since:

or

Subst itution of R into equation (13) gives:
( 14)

where
kobs

= kHp[OMe-] from the computer (see equation (12))

The problem is to obtain a value for kH from the kobs that the
computer gives.
As was stated earlie r, p is the total isotope effect for the
exchange reacti on in the forward direct ion. The p result s VJhen
tritium is placed in the exchange process as a tracer . Because of
these isotope effect s the rate of appearance or disappearance of T in.
a compound will most likely not be the same as the rate for H.
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Referring to the mechanism:
kl
(A)

RH + Ot-1e-

-+

(B)

R- +

H0f.1e

-+

R- +

HOt~e

RH +

Ot1e-

k2

which can also be written in the form of equation (1).
R- + H011e

RH + Ot1e-

For the one-step mechanism in the forward directio n, p is the
isotope effect for the breaking of a R-H vs. aR-T bond.

Similarl y

q is the isotope effect for the breaking of an 0-H vs. an 0-T bond
in the backward directio n.
From equation (2), the rate of tritium transfer in the forward
directio n is:

R~ = pYR

(15)

R = kH[RH] [ot·1e-]

(16)

or from equation (13),

and

(17)
By substitu tion for [Ot·1e-] in equation s (lG) and (17):
RT = kT[RT]
f

kH[RH]

By definiti on:
[RT]
y- - -

[RH]

and

R
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Thus from equation (15):
p

kT
= k = the isotope effect for breaking the

R-H bond.

H

Using the same argument for the backward reaction:
q

kT
= k = the isotope effect for breaking the

t~eO-H

bond.

H

From the computer:

and

After dividing the first order rate constant (kobs) by the base
concentra tion for a run, the resulting second order rate constant is
the constant for the breaking of aR-T bond in the RDS (i.e., kT).
It is interesti ng to note that Halevi and Long (82), using a
totally differen t approach and mathematical treatment , obtained the
same result.

They state:

11 It follows for this tracer level
situation that,
whether the tritium labeling is initially in the phenylacetylene or in the water, the slope of a logarithm ic
plot of (Coo- C) versus time will always yield k2, the
rate of rupture of the carbon-tr itium bond by the base
involved. 11

Since this \'>'ork is not really concerned with the acidities of RT
compounds; the fact, that we obtain kT rather than kH from the
computer, is surprisin g.
Through the work of Swain (33) and Streitwei ser (34), this
problem has been solved.
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2.

Primary Isotoee Effects
For the development of the isotope effect theory, refer to the

rate expression in equation ( 4) :
-d[RT]
dt

=

pYR - qZR

In this \'IOrk, tritium incorporation into RH vs. RD in f.1eOH(T)
was watched for short reaction times (less than 10% of a half-life).
For early reaction times, the first term in the rate expression is
zero.
[RT] 0
pY 0 R = 0 because
.

=

0 and Y = 0.

Thus, for early reaction times, the rate expression becomes:
d[RT]

dt

=

qZ0 R

(18)

R is sti 11 the rate of proton exchange for RH.
If instead of using RH as the hydrocarbon, RD is used, a different

rate (R') is obtained.

In this case, R' is the rate of deuterium

exchange for RD.
By using RD in the kinetics q will be the same for both RH and RD
because MeOH is in such large excess over any t1e0D which will be formed
early in the reaction.
For RD, the rate expression for times early in the reaction
becomes:
d[RT]
dt
Since the rate of exchange for RD VJill most probably not equal
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the rate of exchange for RH,they \'iill vary by an isotope effect.
R = kH[RH][MeO-]'

= k 0[RD][Me0-]

R1

1

To simplify these expressions, let
[RH]

= [RD]

then
( 19)

and
R

= yR'

From equation (18), integration between time zero and timet gives:

and

(C't - C0 = qZ 0 R t' for RD •
1 )

Since C0 =

C~

1

1

= 0 and from equation (19) R = yR

ct = qZ0 R
t
y
1

1

1

1 :

for RD

A plot of Ct(DPr.1's) vs. t for both RH and RD will give a slope of:

and
If the [MeOT] 1
then

z~

= [MeOT]
= zo

qZ~R/y

[RD]

respectively.

= [RH]
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and a ratio of these two slopes will give the value for y.

The Streitwieser altered S\'lain equation (33,34) for calculating
isotope effects will be used to determine k11 from kH/k 0 and kT'

Part

of this relationship is as follov-1s:
k /k = (k /k )1. 427
H D
H T

The use of this relationship is well accepted and used in the current
literature (14,83).
3.

Eguil i bri urn Quench Runs
For an equilibrium quench run, the following equilibrium is

established.
RH + ot·1e-

"! R- + Hot1e

By slm'lly adding this equilibrium mixture to a tritiated benzene
sulfonic acid solution in methanol, the R-·s present in the equilibrium
mixture are tagged with tritium.

By knovJing the H/T ratio in the

benzene sulfonic acid solution and the DPWs of the sample, the
equilibrium concentration of R- can be determined.

The calculations

involved in the determination of the R-and pi(a values are shown in
the Experimental section on Calculations.
Several assumptions must be made in order to calculate the pKa•s
from the quench equilibrium data.
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1.

When the equilibrium mixture comes in contact with the BSA(T)
solutions the quench is immediate.

Both anions (OHe-, R-)

are quenched immediately not giving the equilibrium time to
shift.
2.

The protons in the methanol of the equilibrium solution come
to almost instantaneous equilibrium with the proton-tritium
pool in the BSA(T) solution.

As the equilibrium solution is

dropped into the BSA(T) solutions the drops at the start of
the addition will see a lower H/T ratio than the drops near
the end of the addition.

In the pKa calculations this

phenomenon is corrected for by using (as an average) only half
of the exchangeable methanol protons in the added equilibrium
solution to calculate the H/T quench mixture ratio.
3.

Since the BSA is a much stronger acid than any of the other
acids in solution, only the acid hydrogens from the BSA itself
are actually doing the quenching.

This is probably the most

tenuous of all of the assumptions.
As is true in most solutions, there are several different species
of ions and molecules present in the solution.

In the BSA solution

there are methanol molecules, protonated methanol ions, BSA molecules,
protonated \'later ions, protonated BSA ions, water molecules and various
combinations of these.

Were it not for the isotope effects, it would

make no difference which species were doing the quenching as long as
the equilibrium shifted fast enough to keep the H/T ratio constant.
If methanol and water, in addition to the other species present in
the solution, are doing the quenching; then problems develop.

These
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problems are primarily due to isotope effects (0-H vs. 0-T) \<lhich will
change the H/T ratio which the R- anion sees.

The methanol isotope

effects can be obtained, but the H2o isotope effects are another
problem not so easily solved.

Even though methanol and water quenching

is a possibility, it is not a large problem and at the most only makes
a difference of 0.1-0.2 pKa units.

4.

E9uilibrium Isotope Effects
These isotope effects are obtained by allowing a kinetic point to

go to infinite time and then comparing it to a calculated infinity
value determined as if there were no isotope effects.

The following

relationship was obtained from the development of the kinetic theory:
at infinite time.
or
p/q = ZoofYoo =equilibrium isotope effect

(20)

since
p = kT/kH

for R-H(T)

q = kT/kH

for t·1e0-H(T)

and

then the following holds:

(21)
The final expression in equation (21) is an equilibrium
expression for the following equilibrium reaction:
t1e0H + RT

t

f1e0T + Rll
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Calculation of Z /Y :
00

00

C (statistical)= B[RT]
00

00

B is a constant which includes dilution effects.
B[RT]

00

= DPM's expected at equilibrium with a total isotope
effect equal to one

B[RT]'

00

= DPM's

experimentally obtained at equilibrium

From equations (20) and (21):
[RT]'
00

=

(E-) (
q

[MeOT]' [RH]'
oo

oo)

[MeOH]'

00

= B(B.)

(

[MeOT]' [RH] •

oo
oo)
[MeOH]~

q

C00 (stat.) = B[RT] = B

[MeOT] [RH]

co

oo

(22)

oo

(23)

[MeOH]oo

In this thesis:
[MeOH] 0

= [MeOH]'

n~eOT] 0

=

[RH] 0

00

[MeOT]~

= [RH]~

Thus from equations (22) and (23),
C (exp.)/C (stat.) = p/q =Equilibrium Isotope Effect
00

00

By calculating the DPM 1 s that should be present at equilibrium if
there were no isotope effects and experimentally determining the DPM's
present at equilibrium; the equilibrium isotope effect can be calculated.
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The theory on the

Br~nsted

relationship and on activation

parameters will be covered in some detail in the section on Results
and Conclusions.
C.

RESULTS AND CONCLUSIONS
This section of the thesis brings together the end results of the

experimental work which justify and reinforce the theoretical section.
This discussion involves six parts:

Kinetic Isotope Effects, Kinetics,

Quench Equilibrium Data, pKa's, Activation Parameters, and Equilibrium
Isotope Effects.
1.

Kinetic Isotope Effects
The results in Tables VII, VIII and IX were obtained by

kinetically watching the incorporation of tritium into the protonated
hydrocarbon vs. the deuterated hydrocarbon, for times early in the
reaction.
The slopes were normalized to infinite dilution of [OMe-] by the
following equation:
Slope (normalized)

=

Slope(obs.)
1 + b[NaOMe]

where b values, which were calculated from runs where the base concentration was varied, are as follows:
b

= 7.46 at

o.ooc

= 12.0 at -10.0°C
= 10.0

at -20.0°C.
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Table VII:

Results of phenylacetylene isotope effects runs

Run

Isotope

Temp.

oc

103[0Me-]
M (a)

10- 3C
(b)

69

H

0.0

3o24

212

132

±

3o

955

±

19

87

H

OoO

3.24

231

148

±

5

980

±

34

73

D

OoO

3.24

205

152

±

3

1132

±

21

77

D

0.0

3o24

231

155

±

3

1027

±

22

89

D

OoO

3.24

118

76.2

987

±

38

67

H

-10.0

218

463

245

±

11

70

H

-10.0

3.28

212

34.9

±

0.32

243

±

2

71

H

-10.0

3o28

217

35o9

±

Oo53

243

±

4

75

D

-10.0

3.28

205

43.9

±

1.1

315

±

7

78

D

-10.0

3.28

231

47.4

±

Oo74

301

±

5

51

H

-20.0

188

105

72

H

-20.0

3o32

217

10.2

±

88

H

-20.0

3.32

231

10.8

74

D

-20.0

3.32

205

76

D

-20.0

3.32

205

31.8

32.2

00

Slope (c)
{obs o)

3.0

±

20

±

Slope (d)

67 6

±

1. 7

Oo1

69o5

±

Oo6

±

Oo3

69o 0

±

1. 7

11.8

±

Oo2

85o 3

±

1. 5

11.5

±

Oo1

83o4

±

Oo5

±

3

0

aCorrected for concentration changes caused by density changes
with temperature.
bStatistical value which includes [RH] and the amount of
radioactivity in the stock solutions.
cObtained from plotting DPM's vs. time.
dNormalized by dividing slope (obs.) by C and [OMe-] at infinite
oo
dilution.
±

= uncertainty obtained from standard deviations of slope

(Appendix C)
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Table VIII:
Run Isotope

Results of bromoform isotope effects runs
Temp.

103[0Me-]

oc

M (a)

Slope (c)
(obs.)

Slope (d)

210

409 ± 1

243 ± 1

63

H

o.o

81

H

0.0

3.24

212

38.7

83

H

0.0

3.24

392

67.2 ± 0.6

256 ± 2

58

D

0.0

31.4

191

359 ± 2

241 ± 1

61

0

o.o

32.3

212

415

243

±

5

85

D

0.0

209

33.4

239

±

6

79

H

-10.0

188

104 ± 3

63.9 ± 1.6

82

H

-10.0

3.28

212

8.87 ± 0.18

61.7 ± 1.2

84

H

-10.0

3.28

392

16.3 ± 0.1

61.1 ± 0.3

65

D

-10.0

31.8

221

98.7 ± 1.1

51.5 ± 0.6

66

D

-10.0

31.8

185

83.6 ± 1.8

51.9

±

1.1

86

D

-10.0

209

7.65 ± 0.12

54.0

±

0.9

52

H

-20.0

32.2

183

20.1

13.3

±

0.1

80

H

-20.0

32.2

188

21.0 ± 0.2

13.4 ± 0.1

59

D

-20.0

32.2

191

18.5 ± 0.2

11.7 ± 0.1

62

D

-20.0

32.6

212

20.7 ± 0.2

11.4

32.3

3.24
31.8

3.28

±

0.6

± 9
±

±

0.9

0.1

273

±

5

±

0.1

aCorrected for concentration changes caused by density changes
with temperature.
bStatistical value which includes [RH] and the amount of
radioactivity.
cObtained from plotting DPM's vs. time.
dNormalized by dividing slope (cbs.) by Coo and [OMe-] at infinite
dilution.
± = uncertainty obtained from standard deviations of slope
(Appendix C)
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Table X:

Normalized slopes and isotope effects of hydrocarbons

Hydrocarbon

Temp.

oc
Phenyl acetylene
Phenylacetylene-d

o.o

10 1 Slope (a)

±

0.0

9670
10500

Phenyl acetylene
Phenylacetylene-d

-10.0
-10.0

2440
3080

±

Phenyl acetylene
Pheny1acetylene-d

-20.0
-20.0

687
844

Bromoform
Bromoform-d

0.0
0.0

2560
2410

Bromoform
Bromoform-d

-10.0
-10.0

622
525

±

Bromoform
Bromoform-d

-20.0
-20.0

133
115

±

Chloroform
Ch 1orofo rm-d

o.o

±

0.0

28.8
23.1

Chloroform
Chloroform-d

-10.0
-10.0

5.23
4.02

Chloroform
Chloroform-d

-20.0
-20.0

.975 ± 0.014
.770 ± 0.022

±

±

±
±

±
±

±

±

±

±
±

Isotope Effect

260
270

0.92 ± 0.04

50
60

0.79 ± 0.02

10
9

0.81 ± 0.02

30
40

1.07 ± 0.02

10
9

1.18 ± 0.03

1
1

1.16 ±

0.2
0.2

1.25 ± 0.01

0.05
0.04

1.30 ± 0.02

o. 01

1. 27 ± 0.04

aAverage of normalized slopes for hydrocarbon at that temperature.
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Many authors classify isotope effects as low as those in Table X
as resulting from diffusion control- internal return kinetics or as
resulting from no C-H bond breaking in the rate determining step. This
author proposes an alternative for these conclusions and supports this
with literature references and theoretical calculations.
Kinetic isotope effects are one of the most complicated, but also
one of the most useful tools available to a chemist for studying
reaction mechanisms.

By observing the etfect that different isotopes

have on the rate of a reaction, a chemist can often observe a fairly
large CH isotope effect (maximum calculated kH/k 0
at 25°C) (84).

=

18 and kH/kT

=
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From this fact it can be concluded that the bond to the

hydrogen is being broken in the rate determining step.
If there is a small or a negligible isotope effect, it is not
necessarily true that the bond to hydrogen is not being broken in the
rate determining step.

Or as Hammond (85) most aptly puts it:

Such an observation is usually transformed into the
categorical conclusion that the bond to hydrogen is
not being broken in the rate-controlling step of the
reaction. This is not necessarily a proper conclusion
in a11 cases.
11

11

The rates of chemical reactions are altered because of the effect
isotopic substitution has on the translational, rotational and
vibrational energy modes of a molecule.

For all practical purposes,

the changes in the vibrational energy modes have the greatest influence
on isotope effects and the other two energy modes can be neglected.
The molecule, which is isotopically substituted, is treated as a
diatomic harmonic oscillator.

In the quantum-mechanical view, it has

65

only certain allowable vibrational energy levels which are given by
the equation:
E

= (0. 5

+ n) hv

where
n =

0, 1, 2, 3, 4, •••

h

= Planck•s

v

=

constant

natural vibrational frequency of the molecule

When the molecule is in its lowest allm'Jed vibrational energy
level, it will still contain some vibrational energy (E 0 ). At temperatures approximating room conditions, most molecules are in this lowest
vibrational state.

Since all molecules are in this lowest vibrational

energy state at absolute zero, the energy this state has at absolute
zero is ca1led the 11 Zero-point energy" and is equal to:
E0 = 0.5hv

(24)

If the vibration of a diatomic molecule is equated to the vibration
of a pair of point masses which are joined by a spring, the vibrational
frequency can be equated to:
v

=

where
k = force constant (same for each isotope)
~ =

If

then

reduced mass

=

(25)
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With a diatomic molecule. if m2 is H or D and m1 is the rest of the
molecule, then
(26)

From equations (25) and (26) vH;v 0 = /2, showing that in the zero-point
energy state the frequency of the deuterated bond is lower than the
protona ted bond.
From the Absolute Reaction Rate Law, kinetic isotope effects are
said to result from the change in the average vibrational energy of the
molecules in the ground state (zero-point energy) to the zero-point
energy of the molecules in the transition state (84).
In other words, at normal temperatures, a molecule is in its
point energyli state.
energy" state.

Its activated complex is also in its

11

11

Zero-

Zero-point

Isotope effects arise because the activation energy

needed to take a molecule from its zero-point energy ground state to
its zero-point energy activated complex is not the same for the
If the ground state to

protonated vs. the deuterated molecule.

activated complex energies are the same for the two isotopically
labeled molecules, then no isotope effect results.
In a reaction similar to the one observed in this thesis, there
are three extreme possibilities which can occur in the activated
camp lex.
The rate determining step in our reaction is:
R-H(D) + 011e-

+

R- + r1e0H(D)
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The extreme possibilities for the activated complex for this reaction
are:
(i )

R--H---------OMe-

(i i )

R- ----H+-----OMe -

(iii )

R- -------H---Ot1e

Figure 3 shows pictorially how the isotope effects can result.
Depending on which activated complex is obtained, kH/k 0 isotope
effects can range from 18(25°C) to less than unity (84).
The R-H(D) bond in case (i), has been weakened in the activated
complex but is not broken.

Since this bond is weakened somewhat, the

zero point energies in the activated complex would be somewhat closer
together than they were in the ground state.

Depending on how much

this bond is weakened, isotope effects (kH/k 0) could range from unity
to larger values (85).
when Ka(RH) >

This type of activated complex generally occurs

Ka(r~eOH).

In case (ii), the force constants are the same for the R-H bond
as for the MeO-H bond in the activated complex.

In this activated

complex, the C-H(D) bond is practically broken while very little of the
new bond MeO-H(D) has been formed.
almost the same zero point energies.
that for case (ii) Ea(RD) > Ea(RH).

This gives each complex (H vs. D)
From Figure 3, it can be seen
With this type of activated

complex, maximum (kH/k 0 ) isotope effects result.

Activated complexes

of this type usually result when Ka(RH) = Ka(f1e0H).
In the final case, case (iii), the R-H bond has been almost
completely formed.
be less than unity.

In this transition state, isotope effects could
This phenomenon is possible when the bond
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R----H-OMe

ZERO
POINT
ENERGIES

E 0 FOR RH

E 0 FOR RO

ZERO POINT ENERGIES
R-H + OMe-

REACTANTS

Figure 3:

Potential energy diagram for thesis reaction, showing
the effect of changing from R-H to R-D.
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involving hydrogen is stronger in the transition state than it is in
the ground state.

Replacement of H by D will then lead to a greater

decrease in energy in the activated complex and the activation energy
wi 11 be 1ess for the deuterated compound than for the protonated
one (84).
when the

This activated complex is the type which generally results
Ka(~ieOH) >

Ka(RH).

Bordwell (86) states that the transition state resembles or has a
greater resemblance to the less stable of the species (Ot1e- orR-) of
a chemical reaction.

Since the hydrocarbon acids which are worked

with in this thesis are definitely weaker acids than methanol, the
latter case, case (iii), is the one which is appropriate for this
thesis.
On the base of case (iii), the small isotope effects obtained in
Table X are justified, and the simplified Bigeleisen theoretical
treatment (87) for the calculation of isotope effects can be used (78):
(27)

vJhere
h = Planck's constant
k

= Boltzman's constant

T = absolute temperature
c

=

speed of light

v = vibrational frequencies

D.vR

=

vRH - vRD

t
"t + t
A"t : ,,t
vRH - vRD vt~eOH - vf·1e0D

uv
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It is assumed that the stretching vibrations of the bonds which
are breaking and forming are the only ones which determine isotope
effects.

Other vibrations are the same in the transition state as in

the ground state.
The IR stretching frequencies of the compounds in this thesis
were obtained from the spectra of these compounds.
shown in Table XI.

These frequency differences were obtained so as

Table XI:
Hydrocarbon

The results are

IR stretching frequencies

v em -l (a)

Phenyl acetylene
Phenylacetylene-d

3049

Bromoform
Bromoform-d

3077

Chloroform
Ch1oroform-d

3030

2262

768 (d)

t·1ethano 1
t1ethano 1-d

3356 (b)
2494 (c)

862

2577

2273

472

804

aFor the purpose of brevity the f..v values in this thesis will be
in units of cm-1. The actual frequency can be obtained by multiplying
3xlol0 em/sec times the f..v values.
bObtained from Sadtler IR spectrum of methanol.
cReference 88.
dMelander (89) gives 763 cm-l for this value.
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to better illustrate case (iii) and the small isotope effects.
stated

earlier~

As was

inverse isotope effects (kH/k 0 less than unity) can be

obtained if the bond involving hydrogen is stronger in the transition
state than it is in the ground state.
isotope effects with case
greater than the

t:,v

(iii)~ t:,v

In order to have inverse

for the t4e0-H(D) bond must be

for the R-H(D) bond.

Using equation (27) as a

guide~

an estimate can be obtained which

shows how product-like the activated complex is.

If in the activated

complex the R-H bond is completely broken and the 0-H bond is
completely formed, the kH/k 0 isotope effect for each hydrocarbon should
be less than one.
For example for CHBr 3:

~vt

=0

~vR =

+ 862 cm- 1
804 cm- 1

Thus from equation (27) an isotope effect of kH/k 0 = 0. 72
Using the same approach for the other

b>~o

Phenyl acetylene:

k11Jk 0

= o.33

Ch 1oroform:

kH/k 0

= o.66

hydrocarbons=

These isotope effects are calculated from frequencies obtained at
25°C and are calculated so that they can be used to help interpret the
isotope effects obtained in this thesis.
From the experimental and theoretical isotope effect values, it
can be seen that the assumption that the 0-H bond is completely formed
and the R-H bond is completely broken in the transition state is not
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true.

It is apparent that

.tn/

for phenyl acetylene must be greater than

472 cm- 1 in order to give an inverse isotope effect.

For chloroform

and bromoform, ilvt must be less than 768 cm- 1 and 804 cm- 1 respectively
in order to obtain isotope effects of more than one.
the calculated 6vt values for each hydrocarbon at

Table XII gives

o.ooc

when the

isotope effects at that temperature (Table X) and the 6vR values in
Table XI are used.

Table XII:

Calculated 6vt values obtained from equation (27) using
kH/k 0 (exp.) and ilvR from Table XI.

Hydrocarbon

Temp.

oc

kH/ko

6vR (cm- 1 )

t,} (Cal c.)
em-1

Phenyl acetylene

0.0

0.92

472

503

Bromoform

0.0

1.07

804

761

Chloroform

0.0

1.25

768

683

The above analysis of the causes for the isotope effects which are
observed in this problem, has some basis when results from other authors
are evaluated.

Many of these authors credited their results to

diffusion-control kinetics but they could have been equally well
explained by the above treatment.
of these works.

Table XIII gives the results of some
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Table XIII:

Isotope effect results from

Hydrocarbon

oth~r

authors

Solvent

Base

kH/ko

Phenyl acetylene

H20

OH-

0.95

23

CF 3CHC1 2

H20

OH -

1.26

30

CF 3CHBrCl

H20

OH-

1.41

30

t-BuOH

t-BuOK

0.80

53

2.1

39

2-0ctyl phenyl sul fane
CF 3(CF 2)6D

~·1e0H

Of·1e -

Toluene

DMSO

t-BuOK

0.62

Chloroform

H20

OH-

1.42

Reference

90 and 91
45

The temperature effects on the isotope effects cause some
consternation.

The isotope effects change from 0°C to -10.0°C as they

should, but then do not continue this trend from -10.0 to -20.0°C.
These isotope effect changes \vi th temperature are affected both by the
frequency changes in the ground state and the transition state.

Since

the transition state is fairly complicated, several things could be
occurring which cause this observed phenomenon.
One possible explanation is, that going from -10°C to -20°C, .6\JR
and .6\Jt do not change with respect to one another as they do in going
from 0°C to -l0°C.

This abnormality in frequency changes could be due

to some inconsistent solvent effects at -20°C (e.g., increased

hydroge~

bonding).
In summary, for the isotope effects, the author is convinced that
the low isotope effects are due to:
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1.

The activated complex being product-like.

2.

A stronger bond (0-H) is being formed in the activated

complex than is being broken in the ground state (C-H).
The author is also convinced that even though the isotope effects
are small, the R-H bond is being broken in the rate determining step.

A diffusion control-internal return mechanism can be ruled out on the
basis of the kinetic data which is given in the next section.
2.

Kinetics
This section includes the data obtained from kinetic runs.

The

k;netic data is contained in tvm tables, Table XIV (phenylacetylene)
The first order rate constants (k 0 ) are

and Table XV (bromoform).

obtained from the LSKIN 1 computer program.

The second order rate

constant values (kT) are obtained by dividing k0 by the base concentration.

The base and hydrocarbon concentrations are corrected for

density changes from room temperature (20°C).

This correction (92)

amounts to 1.024 at 0°C, 1.037 at -10.0°C and 1.050 at -20.0°C.

From

the Swain-Streitwieser relationship (34), k11 (obs.) is calculated from
the kH/k 0 isotope effect and kT.

This relationship is:

k /k = (k /k )1. 427
H 0
H T

Corrections for infinite dilution of base is done by the following
equation (34):
kH(obs.)
k

=-~---

H

\'/here
b

= 7.46 at 0.0°C
= 12.0 at -10.0°C

= 10.0

at -20.0°C

1

+ b [rJaOt~e]
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Table XIV: Phenylacetylene kinetic results
Run

10\T

Temp.

-1

M

-sec

-1

l0 3kH(obs.)

-1

M -sec

-1

10\H
-1

M

-sec

-1

55

o.o

2.61

31.4

188

598

532

431

57

0.0

2,62

31.4

179

570

507

410

69

o.o

2.57

3. 24

15.3

473

421

411

87

0.0

2.92

3.24

15.4

476

424

414

67

-10.0

2.68

31.8

55.6

175

124

89.8

68

-10.0

2.06

31.8

55.1

173

123

89.0

70

-10.0

2.60

3.28

4.04

123

87.3

83.9

71

-10.0

2.63

3.28

4.15

127

90.2

86.8

51

-20.0

2.43

32.2

16.0

49.6

36.7

27.7

54

-20.0

2,58

32.2

13.8

42.9

31.7

24.0

72

-20.0

2.67

3.32

1.22

36.8

27.2

26.3

88

-20.0

2.99

3.32

1.19

35.8

26.5

25.6

aUncertainties are all less than 2% (except for 70, = 4%).
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Table XV: Bromoform kinetic results
Run

10\T

Temp,

·1

M -sec
63

0.0

2.47

81

0.0

2,50

3.24

83

0.0

4.76

3.24

64

-10.0

2.50

79

-10.0

82

·1

10\H

103kH(obs.)

-1

M -sec

·1

·1

M

-sec

·1

80.0

88.8

71.6

22.1

68.2

75.7

73.9

21.2

65.4

72. 6

70.9

32.7

66.2

20.3

25.8

18.6

2.70

31.8

65.5

20.6

26.2

19.0

-10.0

2.53

3.28

5.36

16.4

20.8

20.0

84

-10.0

4.82

3.28

5.35

16.4

20.8

20.0

52

-20.0

3.12

32.2

15.1

4.68

5.80

4.38

80

-20.0

2.79

32.2

15.0

4.66

5. 78

4.37

32.3

aUncertainties are all less than 1%.
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The primary purpose for obtaining the second-order kinetic rate
constants was to convert them to thermodynamic acidities through the
use of the Br¢nsted relationship.

Another, and equally important

purpose for these results is to clarify the mechanism of the reaction.
The proposed mechanism was reinforced by the results and discussion in
the Kinetic Isotope Effect section.
A second mechanism which could explain the isotope effect results
is a diffusion control-internal return mechanism (23,53,93,94).

How-

ever, as shown below, a diffusion control-internal return mechanism is
not compatable with the results which are listed in Table XIV and
Table XV.
A diffusion control-internal return mechanism results when solvent
diffusion into an ionic complex, resulting from base abstraction of a
proton from a weak hydrocarbon acid, is slow compared to that
abstraction process.

Internal return occurs when the ionic complex

breaks up and places the original proton back on the hydrocarbon anion
before it can be protonated with bulk solvent diffusing into it.

This

mechanism was first thoroughly explained by Cram (54) and, in light of
this thesis system, is explained more thoroughly as follows:
kl
RH

+ OMe-

-:t.

fJI or1e

R- --·---H0!·1e

RH'

-+

+ Ot1e-

For diffusion control kinetics to exist, diffusion of H 0Me into
1

the complex (A) is the rate determining step.

And
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Using the steady state assumption:

d[RT]

= k2 [A]
---:-:-dt
Since k_ 1 >>> k2 ,
k k

d[RT]

dt

= _1_1_ [OMe -] [RH]

k_1

k k

k(obs.)

= ~

2

(28)

-1

From k(obs.), one can see why small isotope effects are obtained
The rate constant k2 is for a step which
depends on the diffusion of a molecule into the complex and is not

for these type of processes.

going to have any isotope effect.

The ratio k1/k_ 1 is essentially an

equilibrium constant which usually has a low isotope effect.

This

then generally gives a small net isotope effect to k(obs.) (54).
Diffusion control rate constants have values in the immediate
vicinity of 1010 M- 1sec- 1 {23,95). If diffusion control is indeed
involved in this thesis problem, then by knowing that k2 = 10 10 M- 1sec-1, an equilibrium constant for the hydrocarbon can be calculated
since k(obs.) is obtained from the computer.

Using the value for kH

from Table XIV for phenylacetylene, the values in Table XVI were
calculated assuming diffusion control kinetics.
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Table XVI:

Keq values for phenylacetylene in methanol if the kinetics
of proton exchange are diffusion controlled
10 2kH
-1
-1
M sec

Temp.

oc
0.0

10 12 k1/k -1 =K eq

41.7

K1 (MeOH)

Ka (PhC::CH)a

x10 18
------··-------1. 29xlo- 28
3.09

41.7

-10.0

8.74

8.74

1.45

1. 28xlo- 29

-20.0

2.59

2.59

o. 723

1.87xlo- 30

a

Ka is calculated from the equation:
Keq

= krfk_ 1 = Ka(RH)/Ki(MeOH)

For diffusion controlled kinetics the pKa for phenylacetylene is
calculated to be 27.89 at 0°C.

This is all well and good, except that

from the quench equilibrium runs a pKa for phenylacetylene was
determined to be 18.34.

If diffusion control is a problem, the actual

pK value wi1l even be lower and farther away from 27.89 than 18.34 is.
a

If diffusion control-internal return is indeed a fact for this
system~

then in an equilibrium run this equilibrium is established:
k2

RH + OMe-

t.

R------HOMe

+

RH' + OMe-

Since k_ 1 >>> k2, many more of the complexes are returning to
original reactants than are exchanging with bulk solvent.

Thus in a

quench run when tritiated acid is added, most of the complexes will be
returned to original reactants and will not be tritiated.

The few
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complexes which do break down will be tagged with tritium.

If

diffusion control is a fact here. the [R-] at equilibrium will seem
much smaller than it really is.

Thus the pKa should be much higher

than is measured, and would make the acidity of phenylacetylene to
be greater than methanol.

This is contrary to theory in that

diffusion control processes as illustrated above, occur only for weak
acids which are much weaker than methanol (11,83).
Another fact which lends itself to the argument that this system
is not diffusion controlled is the fact that for diffusion control
kinetics, the activation energies are small (2-3 Kcal/mol) (76,96).
As can be seen from the results from the section on Thermodynamics,
the Ea for phenylacetylene and bromoform are 18.91 and 19.23 Kcal per
mol respectively (Table XXI).
Discounting diffusion control kinetics for chloroform and
bromoform is not as clear cut as it is for phenylacetylene.

One

argument which can be used against diffusion control is the same as
that used by Andreades (39).
Historical section.

This discussion is presented in the

The isotope effects are very similar for

chloroform and bromoform and thus would agree with Andreades discussion
against diffusion control.
In water, phenylacetylene and chloroform are reported to be
diffusion controlled (44,45).
methanol as OH

Since NaOMe is not as good a base in

is in water (41), it seems reasonable to assume that

these hydrocarbons do not exhibit diffusion controlled kinetics in
methanol.

Another fact which reinforces this assumption is that
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methanol is less polar, has less hydrogen bonding than does water and
thus would be expected to have a higher diffusion controlled rate
constant than does water.

Ritchie (38) states that diffusion control

kinetics only occur when the pKa of the hydrocarbon is 18 units
greater than the pK a of methanol. Of course the hydrocarbons studied
here are much more acidic than that.
The author is convinced that diffusion controlled kinetics do
not hold for this thesis problem.
3.

pK a Values from Quench Equilibrium Runs
The results of the quench equilibrium runs on phenylacetylene

are listed in Table XVII.

Table XVII:
Run Temp.

oc

102[RH]

Phenylacetylene quench equilibrium data

10 2[0Me-]

10 5[R-]

10 18 K; (MeOH)

pKa

M

M

M

M (a)

(PhC:CH)

50

0.0

5.30

7.63

72.4

3.09

18.36

56

o.o

3.78

7.63

50.2

3.09

18.32

102 +10.0

3.91

10.2

42.2

6.76

18.15

103 +10.0

5.21

10.2

58.2

6.76

18.13

91 +25.0

3.67

92 +25.0

3.81

5.09
10.2

aAverage of 5-7 points per run

25.1

18.7

17.60

50.2

18.7

17.61
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Because of temperature problems and because no K.1 values exist
for MeOH at temperatures below 0°C, the quench runs were run at 0°C,
+10°C and +25°C.

Assuming that the Arrhenius plot is linear for

temperatures from +25°C to

-20°C~

pKa values were obtained at -10°C

and -20°C by extrapolation.
The values obtained for these pKa •s for phenylacetylene are:
19.00

at

19.47

at

-lo.ooc
-2o.ooc

As a comparison to the values for the pKa of phenylacetylene in
methanol listed above, Table XVIII lists pKa values obtained for
phenylacetylene in various solvents at various temperatures.

Table XVIII:
Solvent
MeOH

Phenylacetylene pKa comparisons

Temp.
25.0

Et 20

oc

pKa
17.60

Reference
this work

22

21

21

47

CHA

23.2

50

DMSO

26.5

24

DMF

0-80

The author feels that the procedure for and interpretation of
results from this quench method are valid and reproducible.

The pKa's

obtained from this method encompass values of± 0.1 pKa unit from the
average value.
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As can be seen from Table XVIII, there does not appear to be a
basis for predicting a pKa for phenylacetylene in a particular
solvent.

The value obtained in this work is encompassed by values

both higher and lower in other solvents.
4.

pKa Determination from

Br~nsted

Relationship

For the pKa determination of bromoform, the free energy relationship of

Br~nsted

and Pedersen (12) was used.

The relationship is as

follows:
k=G~a

(29)

•

where
k

= kinetic

rate constant for the acid catalysis

G = parameter which depends on the temperature, type of
reaction and solvent
a

= parameter

which depends on the type of acid used

(structure}
Ka

= equilibrium

acidity constant for the catalyzing acid

In the calculation of the Ka for bromoform from the pKa of
phenylacetylene, an assumption was made that G was the same for both
bromoform and for phenylacetylene.

This is reasonable since the type

of reaction, solvent and temperature are the same for each hydrocarbon.
Using this assumption, the following relationship can be applied:

= GK~ for phenylacetylene
k = GK a for bromoform
a

k

I

1

1
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Setting the G's equal to each other gives:
k
k
-=--.
I

Ka

K'a

a

a

and
a 1 log K' = log(k'/k) + alog Ka •

(30)

From the kinetic rate constants (Table XIV and Table XV), k'/k is
known.

From the equilibrium quench data, Ka is known.

calculate

K~,

a and a' must be known.

In order to

One method of calculating a and

a' has already been shown to be inoperative because this method is for
diffusion control kinetics.

For diffusion control kinetics, the

Br¢nsted coefficient is unity (23,45,83).

Since the

Br~nsted

coefficient usually varies between zero and unity (12), the a's for
phenylacetylene and bromoform should be less than unity.
From the use of theory and experimental results, an a for bromoform and phenylacetylene can be calculated using isotope effects and
stretching frequencies for the 0-H(D) and R-H(D) bonds in the ground
state and transition state.
In Table XII, the calculated values for ~vt are listed. These
values were obtained from

~vR

values and from the isotope effects. On

the basis of the following assumptions and development, a

Br~nsted a

will be calculated from these values in Table XII.
In looking at the acidity and thus the activated complex of these
weak hydrocarbon acids, there are two main things which determine the
acidities of these compounds.
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1.

Stability of the anion formed from the loss of a proton

2.

The ease with which the proton is removed from the
hydrocarbon

The haloforms are examples of this type of behavior. The
acidities of haloforms are generally in the order of CHI 3 > CHBr 3
CHC1 3 > CHF 3. Hine (30) states that this behavior is due to the

>

stability of the anion because iodine can disperse the charge buildup
on the central carbon better than can Br, Cl or F. One would actually
expect the inductive effects of fluorine and chlorine to cause their
haloforms to be the strongest acids.

But apparently the iodine and

bromine dispersing ability increases the acidities of the haloforms
more than do the inductive effects of chlorine and fluorine.
This phenomenon may well be occurring in the acidity measurements
of phenylacetylene and haloforms.

Phenylacetylene seems to be a better

acid both kinetically and thermodynamically than do the haloforms.
The phenylacetylide anion is known to have a localized electronic
charge on the terminal carbon, while the haloform anions tend to
disperse this extra charge throughout the haloform anions.

This would

tend to make the phenylacetylide anion less stable than the haloform
anions.

But since phenylacetylene is more acidic, the ability of

phenylacetylene to give up its proton must be greater than the ability
of the haloforms to disperse the negative charge and stabilize the
anion.
A Br~nsted a can be calculated if the activated complex for these
hydrocarbons can be considered in the following way:
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+

R -------H -------OMe

Lv-J

L_.J

X

y

-

X + y = 1

The parameters x, y are a measure (fraction) of how much of the
respective bonds are formed in the transition state.

Since an

activated complex, which resembles products or reactants, has a
Br¢nsted coefficient of unity (45,97), the bond in the transition
state is as fully formed as it will be in the activated complex.

This

does not mean that the full frequency of the 0-H or C-H bond in the
ground state is necessarily attained in the activated complex.

By

setting up the following relationship, x andy can be calculated.

By

the definition given to x andy the following relationship also holds:
x

= Br¢nsted

y

=

et

Br¢ns ted 8

The treatment of this calculation will be for phenylacetylene,
and the values used in its development are obtained from Table XII.
Data:
Temperature

=

0.0°C

= 503 cm- 1
=

862 cm- 1

The frequency difference for a fully formed C-H(D) bond in the
transition state will not be equal to the ground state frequency
difference (472 cm- 1 ), but will be some fraction of it (472/z cm- 1).
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The author also makes the assumptio n that the frequenc y differenc e for
a fully formed 0-H(D) bond in the transitio n state will be
(826/z cm- 1 ).
As x increases for a series of hydrocar bons, the IN

-r

approaches

the value 826/z cm- 1 and similarly as y increase s, the 6vt approaches
the value 472/z cm- 1 .

Thus the following relation ship exists for

phenyl acetylene :

6vt
Si nee x + y

= 1 and

= y(472/z)
6v

t

+ x(826/z)

for phenyl acetylen e is 503 em

-1

.

503 = (1-x)(472 /z) + x(826/z}
Similarly the same approach can be used for chlorofor m and
bromoform.

The three equations which result from these hydrocarbons

are:
{31)

503 = (1-x)(472 /z) + x(826/z)
761

= (l-x)(804 /z)

+ x(826/z)

(32)

686

= (1-x)(768 /z) + x(826/z)

(33)

By solving for z in terms of x from equation s (31} and (32),
values for x and z can be obtained from equation (33).

The values

obtained by this approach give values of:
X

= 0.55 = Ci.

z

=

1.17

With this approach a small value (0.2) can also be calculate d.
Because these hydrocarbons are less acidic than methanol , the values
of x which are this small can be neglected .
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The above approach has made two assumptions:
The transition state frequency difference for a fully

1.

formed bond will be the same fraction for each hydrocarbon.

2.

The bonds in the activated complex will have the same
amount of bond formation for each of the hydrocarbons.

These assumptions are better tested by using the calculated
values of x andy to calculate ~vt for each of the hydrocarbons at ooc.
Table XIX gives the results of these calculations.

Table XIX:

Calculated

t.,/

values using the calculated values of x and

y

Hydrocarbon

t.v t (Tab 1 e XII)

t.vt ( ca 1c. )
-1

em-1

em

Phenyl acetylene

503

571

Bromoform

761

699

Chloroform

683

685

With the obtained a= 0.55

= x, a pKa for bromoform can be

calculated by using equation (30).
are listed in Table XX.

The results of the pKa calculations
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Table XX:
Temp.

oc

pKa values of bromoform using an a of 0.55

10 2kH(PhC::CH)

0.0

41.7

-10.0

8.74

-20.0

2.59

5.

l0 3 kH(CHBr 3 )

pK (PhC::CH)
a

pKa(CHBr 3 )

72.0

18.34

19.73

19.4

19.00

20.19

19.47

20.87

4.37

Activation Parameters
For the calculation of the activation parameters, the Arrhenius

equation (98) is used:

k
1

kT

=

K(--)
h

e

-E /RT
a

=

Ae

-Ea/RT

This is also equivalent to (99):

where

K

= transmission coefficient= 1 for normal reactions (99)

= Boltzman constant
h = Planck•s constant
k

k1

=

second order rate constant

By plotting ln k1 vs. 1/T, Ea can be calculated.
calculations are listed in Table XXI.

The results of these
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Table XXI:

Activation parameters for temperatures from 0°C to -20°C

Hydrocarbon

Temp.

Phenyl acetylene

Bromoform

6Ht
(a)

t.St
e.u.

6Gt
(a)

oc

Ea
(a)

0.0

18.91

18.37

2.4

17.71

-10.0

18.91

18.39

2.1

17.84

-20.0

18.91

18.41

2.6

17.75

0.0

19.23

18.69

0.2

18.64

-10.0

19.23

18.71

0.3

18.62

-20.0

19.23

18.73

0.3

18.66

aKcal/mol

6.

Eguilibrium Isotope Effects
In the Equilibrium Isotope Effect portion of the Theory section

of this thesis it was shown that the Equilibrium Isotope Effect (K) is
a ratio of C (exp.) to C (stat.). This isotope effect is for the
following equilibrium reaction:
RH + TOMe

t RT

+ HOMe

K=
These equilibrium isotope effects are listed in Table XXIII.
Inspection of Table XXIII shows a difference (e.g., 0.42 vs. 0.84)
in values for K between phenylacetylene and the haloforms.

This

discrepancy in these K values can be explained in terms of the follow; ng.
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Table XXIII:
Hydrocarbon

Equilibrium isotope effects
Temp. °C

K

Phenyl acetylene

0.0

0.42

Phenyl acetylene

-10.0

0.40

Phenyl acetylene

-20.0

0.39

Bromoform

0.0

0.84

Bromoform

-10.0

0.80

Bromoform

-20.0

0.77

Chloroform

0.0

0.91

Chl orofonn

-10.0

0.92

Chloroform

-20.0

0.91

The isotopic equilibrium is experimentally free to adjust itself
so as to favor the side of the equilibrium for which the sum of all the
vibrational frequencies are lowest.
The same expression for the equilibrium isotope effect can be used
as was used for the kinetic isotope effects.
(34)

If the stretching frequency is written as that due to a harmonic
oscillator and actual masses of the isotopes are used for reduced
masses, the ratios of the isotopic vibrational frequencies can be
calculated.
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The frequencies which were used (Table XI) and those which were
calculated are listed in Table XXIV. Table XI gives values for C-D
and 0-D frequencies.

These values do not exactly agree with values

obtained from the above treatment. Thus the C-T and 0-T frequencies
in Table XXIV have been corrected for the difference that the 0-D and
C-D frequencies are in error.

Table XXIV:
Hydrocarbon

Calculated frequencies for 0-T and C-T bonds
Temp.

vOH

oc

vCH
em-1

-1

vCT
em -1

vOT
em -1

Phenyl acetylene

25

3049

3356

2103

2035

Bromoform

25

3077

3356

1856

2035

Chloroform

25

3030

3356

1845

2035

em

By the use of equation (34) calculated K values can be obtained
for each of the hydrocarbons.

The results and the comparisons with the

experimental values are listed in Table XXV.
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Table XXV:

Experimenta·l vs. calculated K values

Hydrocarbon

Temp.

K(exp.)

K(calc.)

oc
Phenyl acetylene

0.0

0.42

0.37

Bromoform

0.0

0.84

o. 77

Chloroform

0.0

0.91

0.70

The preceding is an approximate method of calculating K.

But by

using many various substrates and temperatures, an exact relationship
could be worked out for this type of behavior.
7.

Base Catalyzed Decomposition of HJdrocarbons
One possibility as a source of error in the kinetic and quench

runs is decomposition of the hydrocarbon. This decomposition, for
haloforms, can occur by carbene formation and nucleophilic displacement. The phenylacetylene decomposition can occur through addition
across the triple bond.
In the haloform case, it is very easy to check for decomposition.
This is done by preparing a solution of hydrocarbon and base identical
to the solution used in the kinetic runs.

Since hal ide ion will

always be the decomposition product for the above haloform decompositions, its presence is easily determined by the addition of silver
nitrate solution after neutralization of the base with nitric acid.
Even after two weeks, the addition of silver nitrate solution caused
no silver halide precipitate to form.

This indicated that less than

lxl0- 2 per cent of the haloform had decomposed.
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Another method for the determination of decomposition of the
hydrocarbon in the reaction mixture is the employment of experimental
infinite time data.

Infinite time runs were made in which the times

the reactions were allowed to run varied from 20 half-lives to
several thousand half-lives.

Within experimental error, the values

from these various runs agreed.

If decomposition was occurring in

solutiont the time that the reaction ran would have a significant
effect upon the values obtained.

From the results of these two methods

the author is satisfied that no decomposition is occurring in solution
for the hydrocarbons used in this thesis.
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IV.

SUMt4ARY

In this thesis a study on the proton exchange processes of some
selected haloforms and phenylacetylene in methanol has been conducted.
It has been shown that the mechanism of exchange is not diffusion
controlled even though the obtained small and sometimes inverse
isotope effects are often equated to this type of mechanism.
A new method of using a tritium quench process to determine pKa
values has been developed and employed.

By this process, a pKa of

phenylacetylene at 0°C has been determined to be 18.34.
By the use of this pKa

value~

kinetic rate constants, and

Br¢nsted a values of 0.55; the pKa of bromoform, by use of the Br¢nsted
Relationship, has been determined to be 19.73 at 0°C.
As a consequence of kinetics carried out at various temperatures,
activation parameters were calculated for phenylacetylene and bromoform.
These activation parameters reinforced the conclusion that the kinetics
in this study are not diffusion controlled.

Activation energies of

18.91 Kcal/mol and 19.23 Kcal/mol were obtained for phenylacetylene
and bromoform respectively.
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APPENDIX A
Cro CALCULATION

C (statistical) is calculated for each run because a
00

C00 (experimental) was not obtained for each run.

By knowing the

C00 (stat. )/C00 (exp.) ratio for a particular compound at a particular
temperature, the C00 (exp.) could be calculated for that compound for
another run at that temperature.

As is shown before for the isotope

effects, a Cm (stat.} is also needed to normalize the slope.
The basis for this calculation is the fact that in a test tube
during a run, there is a certain protium to tritium ratio.

Assuming

no isotope effects at equilibrium, the protium to tritium ratio will
be statistically the same at all the active sites of the hydrocarbon
as it was in the solution when the reaction started.
Data:
1 curie

=

2.22x10 12 DPM s
1

t 0 • 5 for tritium
1 curie
1 DPM

= 2.16xlo 19 atoms of tritium

= 9.73xl06 atoms of tritium per DPM

Stock solution
40

~1

= 12.26 years

=

1.030xl0 5 DPM s
1

of TOH used

0.08058 grams of

PhC~C-H

(M.W. = 102.13)

30 ml methanol
50

~1

of 0.6354 N NaOMe solution
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Number of exchangeable protiums in test tube:
23
(0.040ml)(l/30m1)(1g/ml)(mol/18g)(12.046xl0 atoms/mol)
= 8.92x10 19 protiums per test tube.
MeOH:
Dens ity= 0.7914 g/ml at 20°C

(100)

23
(l/30ml)(30ml)(0.7914g/ml)(mol/32g)(6.023xl0 atoms/mol)
= 1.49xlo22 protiums per test tube.
MeOH in base bulb:
23
(0.05ml)(0.7914g/ml)(mol/32g)(6.023xl0 atoms/mol)
= 7.45xlo 20 protiums per test tube.
Ph-C::C-H:
23
(0.08058g){mol/102.13g)(l/30m1)(6.023xl0 atoms/mol)
= 1.58xlo 19 protiums per test tube.
Total number of exchangeable H•s per test tube:
8.92x lo 19
1490 x1o 19
74.5 xlO 19
1.58x lo 19
1575 x10 19

for
for
for
for

H2o in tri ti urn sample
f4eOH in stock sol uti on
f,1eOH in base bulb
Ph-C::C-H in stock solut ion

= 1.58x lo 22 exchangeable H's per test tube.
Numbers of tritiu ms in test tube:
Stock solu tion= 1.03x10 5 OPWs
2
( 1. 030xl0 5DPf4) ( 9. 73xl0 6atoms/DP14)( 1/ .05ml) ( 50ml)
= 2.00x10 16 tritiu ms per test tube.
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Ratio of protiums to tritium s:

(1.58xl0 22 ~V2.00xl0 16 T) = 7.90xl0 5 H/T
Number of Ph-C::C-T's presen t at time= infinit y:
There are 1.58xlo 19 Ph-C::C-H atoms present at the start of
reactio n.
At equil i bri urn:

(1.58xlo 19 ;7.90xl 0 5)

=

2.00x1o 13 Ph-C::C-T's.

(2.00xlo 13;9.73x10 6 Ps per DP11) =
2.06xl0 6 DPM 1 s at equilibrium.
Since only one-tenth of any sample is actuall y counted:
C00 (statis tical)

= (1/10) (2.06xl0 6DPf·1) = 2.06x10 5 DP11 s
1

By using some minor assumptions and consolidating terms, the above
calcula tion can be simpli fied into the following equation:
= (4.00)(G)(S)x10 3
Coo(st atistica l)
(V) (t1.H.)
where
G = number of grams of hydrocarbon in 20ml of stock solution
S

= DPWs for stock solutio n by dilutin g 50'f.ll of stock to
50ml, then counting 50'f.ll of that solution

V = final volume in test tube (1.05 for the above)
M.W. = molecular weight of hydrocarbon
Using this equation on the above data gives a C (stat.)
00

=

2.06xl0 5 DPM•s.
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APPENDIX B
EQUILIBRIUM QUENCH RUN CALCULATIONS
The following mathematical treatment is used in the calculation
of the pKa of phenylacetylene.

For illustra tive

purposes~

one piece

of data from a quench run is used to calculat e the pi<a • Usually
there are seven points per run.
Data:
9.73xl0 6 tritiums per DPM
10.21532 g of benzene sulfonic acid in 25 ml
14.32023 g of methanol in 25ml of the acid solution
0.09377 g of phenylacetylene in 25ml
19.64745 g of methanol in 25ml of phenylacetylene solution
All volumes of the above were measured at 25.00°C
2. 00m1 of 0 .6354N base in phenyl acetylene sol uti on
0.790g/m1 is the density of the phenylacetylene solution
0.98lg/ml is the density of the BSA solution
20~1

of TOH used (5Ci/g)

1.937g BSA(T) in sample vial
1.975m1 BSA(T) in sample vial
0.744g of phenylacetylene solution dropped into sample vial
0.942ml of phenylacetylene solution dropped into sample vial
5680 DPM's in sample (after subtract ion of blank)
432,600 DPW s of stack BSA sol uti on
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Number of protiums in one ml of BSA solu tion :
Ph-S0 3H·H 20:
(1/25ml)(10.21532g)(mol/176.19g)(l8.069x10
= 4.19xlo 21 atoms per ml

23 atoms/mol)

t~eOH:

23
(1/25ml ) ( 14. 32023g )(mo 1I 32g )(6. 023xlo atoms/mo l)
= 1.08xlo 22 protiums per ml
Total = 1.50xlo 22 protiums per ml
of protiums
In this sample 1.975ml were used; thus , the number
present for this sample are:
(1.9 75m l)(l. 50x l0 22 ) protiums per sample

= 2.96xlo 22

protiums per sample

sol uti on:
Number of prot i urns in one ml of Ph-C::C-H - or1e~1e0H:

23
l)
(l/25ml)(l9.64745g)(mol/32g)(6.023xl0 atoms/mo
= 1.48xlo 22 protiums per ml

In this sample 0.942ml were used:
(0.942ml)(1.48xl0 22 ) protiums per sample
= 1.39xlo 22 protiums per sample
uti on is actually
Only half of the t1e0H in the Ph-C::C-H - ot1e- sol
of this thes is.)
used as a quenching mat eria l. (See Theory sect ion
Total number of protiums used for quenching:
22
2.96xlo 22 protiums + 0.5(1.39xl0 ) protiums
= 3.66xlo 22 protiums used for quenching in sample
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Number of tritiums in one m1 of BSA solution:
432,600 DPM's in stock solution.
(4.326x10 5DPM)(l/0.05m1) 2 (50m1)(9.73x10 6 T/DPM)
=

8.42x10 16 T/ml

Ratio of protiums to tritiums:
(3.66x1o 22 H/8.42xl0 16 T)

= 4.35xl0 5

H/T

[Ph-C::C-] present at equilibrium:
5680 DPWs in the sample which is one-fifth the actual amount,
since 2ml of lOml of toluene were counted.
5 x 5680 DPH 1 s in whole sample::: 28400 DPr1 1 s
(28400
=

DPt~ 1 s)(9.73xl0 6 T/DPt~)(4.35xl0 5
1.20x1o 17

2.11xl0- 41·1

[Ph-C=C-H] =

[OMe-]

present at equilibrium

(1.20xlo 17!6.023xl0 23 ions/mol)(l000ml/l)/(0.942ml)

[Ph-C=C-] =
=

Ph-C::C-'s

H/T)

0.03672 M

= 0.05085 M

K1(Me0H)

=

1.86xlo- 17 at 25°C (51)

From the equilibrium:
Ph-C=C-H +

OMe-

= Ph-C=C-

+ HOM~

comes:
Keq

=

Ka (Ph-C=C-H)
Ka (f~eOH) .

[Ph-C=CJ [HeOH]
=

[Ph-C::C]

[Ph-C=C-H] [Of.1e -]
Ka ( Ph-C=C-H)

- - - - - - = _,.,...--rt":"_,.....,-r---

[Ph-C=C-H]

[OMe -]

K; (t1eOH)

llO

and

[PhC~C-] K.(MeOH)
1-= ----

K (PhC~CH)

[PhC~CH][OMe-]

a

K (PhC~CH) = (2.llxl0-4)(1.86x10-17) = 2.10x10-18
a
(0.03672)(0.05085)
pKa(PhC~CH)

= 17.68

at 25.0°C in methanol

As can be seen from the preceding

development~

carrying out this

calculation seven times for each run would be a time consuming task in
itself.

In order to alleviate this time consuming process, the

following equation was derived.

[ PhC~C-]

=

1.56xl0-4

[1.~9D~GA

Dp

density of

A p

(GA + 1.83GrA) + Gl•1] DPM•s(sample)
·•
DPW s (stock)

where
=

PhC~CH

DA = density of BSA solution
GA = grams of BSA in 25ml of BSA solution
GM

= grams of methanol in 25ml of BSA solution

GM

=

DPWs(sample)
DPWs(stock)

grams of methanol in 25ml of PhC=CH solution

= DPWs from 2ml of toluene layer
=

DPWs from dilution of S011l of stock solution
to 50ml and then S011l of this solution were
counted on the scintillation counter

The concentration of the
2.1lx10 -4 M.

PhC~C-

calculated from this

11

short" form is
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APPENDIX C
CALCULATION OF UNCERTAINITY (PROBABLE ERROR)
Uncertainty (probable error) is calculated from the following
equation (101):

where
Qr = probable error of the ratio (isotope effect)
P = isotope effect = ratio of the slopes

= probable
N = value of
Qd = probable
0 = value of

Qn

error of the slope for R-H (numerator)
the slope for R-H (numerator)
error of the slope for R-D (denominator)
the slope for R-D (denominator)

The standard deviation (cr) for the slopes, from the Wang,
encompass 68% of the measurements. The probable error, for the slopes,
is calculated from the standard deviation by this equation:
Q=

0.6745cr,

where an and ad are obtained from the Wang.
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APPENDIX D
ABBREVIATIONS

Term

Abbreviation

benzene sulfo nic acid
buty 11 i th i urn
disin tegr ation s at time zero
disin tegr ation s at time (t)
disin tegr ation s at time infin ity
CHA

cycl ohexyl amine

Ci

curie

em

cent imet er

CPt·1

observed disin tegr ation s per minute

m~F

N, t-1-di methyl formami de

Dr4SO

dimethyl sulfo xide

DP~·1

actu al disin tegr ation s per minute

eu

entropy units

g

grams

GC

gas chromatograph

IR

infra red

Kcal

thousand calo ries

KEV

thousand elec tron volts

1

1iter

t-1

molar

MeOH

methanol

ml

mi 11 i 1iter
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Term

Abbreviation
mm

millimeter

mol

mole

NaOMe

sodium methoxide

nmr

nuclear magnetic resonance
methoxide ion

p

kT/kH isotope effect

PhC::CH

phenyl acetylene

ppm

parts per million

q

kr/kH isotope effect for methanol

R

rate of proton exchange

RDS

rate determining step

R-

carbanion

RD

deuterated hydrocarbon

RH

protonated hydrocarbon

RT

tritiated hydrocarbon

sec

second

t-BuOH

t-butyl alcohol

t-BuOK

potassium salt of t-butyl alcohol

v

frequency (cm- 1)

f.ll

microliter

y

kH/k 0 isotope effect

